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FOREWORD 


By F. G. Dohkas, C.B.E., LL.D, D.Sc, I.E.S., 
Profes'sor of Chemistry in. the University of London. 

This book is the finest introduction to modern chemical science 
that I have read. I use the word modern advisedly, because I think 
that, in comparison with it, the vast majority of “ elementary 99 
text-books of inorganic chemistry read in British Schools and 
Colleges (and, I might add, Universities) will be found to be largely 
out of date. The expression chemical science has been also used 
advisedly, because, although the book is essentially a text-book 
of inorganic chemistry (as the title implies), there is no funda¬ 
mental aspect of the vast science of chemistry as it exists to-day 
that is not explained and illustrated in a clear and logical manner. 

A highly important and novel feature of the book is its treatment 
of the modern generalised theory of acids and bases and the asso¬ 
ciated subject of ionisation and reaction in solution, a fundamental 
advance in chemical science that owes its origin and development 
to the work of the Danish school of physical chemistry. This almost 
revolutionary change of outlook completes the work begun by 
Lavoisier, Paraday, and Arrhenius, and is an important factor in 
the unification of chemical theory. 

It must not be thought that this book contains nothing but the 
dry bones of theory and “ laboratory ” facts. Professor Bjerrum’s 
interweaving of the practical aspects and applications of chemistry 
and the theoretical developments marks him out as a true natural 
philosopher. 

Mr. K. P. Bell has carried out the work of translation in an exact 
and graceful manner. The text reads as smoothly as if it had been 
written originally in English—and, what is more, in good English, 
As an expert disciple of the Danish school, we owe him a very deep 
debt of gratitude for this beneficent result of filial piety and sound 
propagation of new and valuable scientific gospel. I hope sincerely 
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that his translation of Professor Bj err urn’s book will be adopted as 
a text-book of chemical science in every English-speaking school, 
college, and university throughout the world. So far as the British 
Empire is concerned, the result would certainly be a marked 
improvement in the average standard of modern chemical 
knowledge. 

It should be used together with some book that deals with the 
historical development of chemical facts and concepts. Owing, 
no doubt, to the exigencies of bulk and price, this is an important 
aspect of the subject which the author has been obliged to treat 
very lightly. 
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INTRODUCTION 

1 . THE CONCEPT OF ELEMENTS 

Chemistry is the science of substances. It deals with the pre¬ 
paration, properties and composition of different substances, and 
with their use and investigation. 

It has been found that most substances are composite, since 
they can be split up into two or more different substances. To 
illustrate the kind of methods which may be used for splitting up 
a substance, some examples may be given. By centrifuging 
milk, it is separated into cream and skimmed milk. By distilling 
sea water, salt and distilled water are obtained. By heating lime¬ 
stone in a lime-kiln, it is split up into quick lime and carbon dioxide, 
the latter going off as a gas. Electricity is a very powerful agent 
for splitting up substances; thus if an electric current is passed 
through water (made conducting by adding a little acid), the water 
is decomposed into hydrogen and oxygen {electrolysis). A substance 
may be shown to be composite not only if it can be split up (analysis), 
but also if it can be formed by combining several different substances 
(synthesis). Thus brass must be composite, since it can be made by 
melting together copper and zinc. 

If a substance cannot be split up, and cannot be formed by combining 
other substances, it is called an element. When a composite substance 
is split up, it does not always give elements directly. However, if 
the products are again subjected to splitting up processes, and so 
on, the final products will eventually consist of elements. By 
means of innumerable investigations it has been established that all 
known substances are built up from about ninety different elements. 

It is impossible to transform one element to another by artificial 
means. The alchemists hoped to be able to transform base metals 
to gold, but they never succeeded. We can only make gold from 
a small number of substances, and these substances can be shown 
to contain gold by splitting them up into elements. Further, the 
amount of gold which we can obtain from these substances is never 
greater than the amount which must be used to prepare them 
again. This fact can be expressed by saying that gold (like all other 
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elements) is indestructible. (Law of the indestructibility of the 
elements.) 


2. THE MOST IMPORTANT ELEMENTS 

The elements are divided according to their appearance in the 
free state into the non-metals , which have no metallic lustre, and 
the metals. In the present section a short description will he given 
of the eight most important non-metals and the sixteen most impor¬ 
tant metals. 

Oxygen is a colourless gas prepared by heating potassium chlorate : 
a little manganese dioxide is usually added to aid the evolution of 
oxygen. Substances consisting of oxygen combined with another 
element are called oxides. Combustible substances burn more 
readily in oxygen than in air. 

Combustion. Eor a substance to be able to burn, oxygen must 
be present. During combustion the combustible substance com¬ 
bines with the oxygen, and the product of combustion is the oxide 
of the original substance. Atmospheric air contains about one-fifth 
oxygen, the remainder consisting of nitrogen, a gas which does not 
support combustion. When combustible substances burn in air 
they unite only with the oxygen and leave the nitrogen behind. 
When all the oxygen in the air is used up, combustion ceases unless 
fresh air is supplied. 

Nitrogen is a colourless gas which constitutes four-fifths of the 
atmosphere, and is also a constituent of saltpetre , nitric acid and 
ammonia. 

Hydrogen is a very light, colourless gas which is prepared by 
pouring dilute sulphuric acid on pieces of zinc. It burns with the 
formation of water. In its combustion two volumes of hydrogen 
^combine with one volume of oxygen to give water. A substance 
which is formed by the combination of another substance with 
water is called a hydrate. An anhydride is a substance formed by 
splitting off water from another substance. 

Chlorine is a heavy, yellowish-green, poisonous gas which attacks 
and destroys the membranes of the respiratory system. It occurs 
in common salt and in hydrochloric acid. 

Resides these four gaseous non-metals, four solid ones will be 
mentioned. 

Sulphur is a yellow, brittle substance which is easily ignited, and 
burns to give the gas sulphur dioxide , which may be recognised by 
its sharp smell. Sulphur is a constituent of sulphuric acid. 

Add Reaction. Sulphur dioxide is soluble in water, and the 
solution has a sour or acid taste. Instead of tasting the solution, 
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the acidity can be detected by dipping a piece of blue litmus paper 
into the solution, when it will turn red. A solution which turns 
blue litmus paper red is said to have an acid reaction. 

Phosphorus is known in two forms, yellow and red phosphorus. 
The yellow variety is poisonous and very easily inflammable, and 
it is therefore kept under water. Red phosphorus is not poisonous 
and is more difficult to ignite. Both forms bum to give a white 
solid oxide of phosphorus, phosphorus pentoxide. This substance 
dissolves in water to give an acid solution containing phosphoric 
acid , which can be obtained as a solid by evaporating down the 
solution. Phosphoric acid is a hydrate of phosphorus pentoxide, and 
conversely phosphorus pentoxide is an anhydride of phosphoric acid. 

Carbon occurs in three forms, diamond, graphite and amorphous 
carbon. In each form it is solid and infusible. The combustion of 
carbon gives a gaseous oxide, carbon dioxide , which may be recognised 
by the fact that it turns lime-water milky. (Lime-water is prepared 
by shaking a little quick lime with water.) Petrol and coal gas 
consist largely of carbon and hydrogen, and both carbon dioxide 
and water are consequently formed when these substances burn. 
Carbon is present in all organic matter, usually together with 
oxygen and hydrogen (e.g. } in fats and sugar; proteins contain 
nitrogen in addition). 

Respiration. A slow oxidation or combustion of the organic 
substances present takes place in all living organisms. We inhale 
the oxygen necessary for combustion, and exhale carbon dioxide 
and water, the products of combustion. The warmth of the body is 
due to the heat developed in this slow combustion. 

Silicon is a solid non-metal, resembling carbon, which constitutes 
a considerable part of many kinds of soil and rock, e.g ., clay, sand, 
flint and granite. 

The Metals. The most important metals are given in the following 
table ;— 


Light metals . 

Potassium) lkalimetalg 
Sodium ) 

Barium 

Calcium 

Magnesium 

Aluminium 


Heavy metals. 

Manganese 
Zinc 
Iron 
Lead 
Tin 

Copper 
Mercury 
Silver 
Gold 

Platinum, 


noble metals 
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The metals are arranged above in order of their tendency to 
combine with oxygen. All the light metals and zinc will burn in 
air, iron will burn in pure oxygen, while lead, tin and copper are 
oxidised on heating in air, but without any combustion phenomena. 
Only the noble metals (silver, gold, platinum) undergo no oxidation 
on heating, their oxides being actually decomposed by heat. Mer¬ 
cury comes just before the noble metals; it can be oxidised by 
gentle heating, but the oxide formed is decomposed again on 
heating more strongly. Most metals are attacked ( i.e ., rust or 
corrode) slowly on exposure to the atmosphere even at ordinary 
temperatures, thereby combining with the oxygen in the air. The 
alkali metals (potassium and sodium) are attacked so violently 
that they must be kept under paraffin. The metals in the list 
from barium to copper inclusive are also attacked, but much less 
rapidly and more or less superficially. Only mercury and the. 
noble metals can withstand the combined attack of the oxygen 
and water vapour in the atmosphere. 

The metallic oxides are usually of a chalky or earthy nature; 
they were therefore formerly known as earths or calxes, and the 
oxidation processes by which they were obtained from metals were 
termed calcinations. 

3 . DEVELOPMENT OF THE CONCEPT OF ELEMENTS 

Even in olden days it was assumed that many different substances 
/ were built up from a small number of elements. However, at that 
time there were available only very incomplete investigations of 
the composition of substances, and no one understood how to 
supplement them by experiment; hence the lists of elements 
suggested were very misleading. For over a thousand years almost 
all speculation was based on the four Aristotelian elements : earth, 
air, fire and water. The alchemists of the Middle Ages described 
the metals in terms of the elements mercury, sulphur and salt, 
but this hardly constituted any great advance. Of much greater 
importance is the large amount of experimental work carried out 
in the seventeenth, and more particularly in the eighteenth, century. 
It was this work which enabled Lavoisier , at the end of the eighteenth 
century, to propose a table of elements which agrees essentially 
with the one we use to-day. From that time chemistry developed 
with increasing impetus. 

Lavoisier’s table did not contain the light metals, but contained 
instead the alkalies and a number of earths. However, the resem¬ 
blance between the alkalies and the earths on the one hand and the 
metallic oxides on the other, led Lavoisier himself to consider the 
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former as the oxides of unknown metals, and after Lavoisier’s death 
it was shown by Davy that they can be split up to give oxygen 
and the previously unknown light metals. 

Potash* consisting of potassium plus oxygen. 

Soda „ „ sodium „ „ 

THE EARTHS 

Magnesia, consisting of magnesium plus oxygen. 

Lime „ „ calcium ,, „ 

Baryta „ „ barium ,, „ 

Alumina „ „ aluminium ,, „ 

It may appear strange that Aristotle could be satisfied with his 
four elements, and that the alchemists could believe that all metals 
were composed of the same three elements. However, it must be 
realised that if two substances had a property in common, this 
was generally attributed to a component common to both of them, 
this component being supposed to possess to a high degree the 
property in question. This is, of course, often the case—for example, 
rain water, spring water and sea water owe their similar properties 
to the fact that they all consist largely of water—but it is far from 
being generally correct. As long as no direct experiments were 
carried out to test the compositions attributed to substances on 
account of their properties, it was inevitable that quite erroneous 
ideas of composition should arise. Thus until fairly modern times 
no distinction was made between the different gases ; if a substance 
was gaseous it was assumed to consist of the element air. Similarly, 
the alchemists believed that all metals consisted essentially of one 
and the same element, which was more or less adulterated with 
impurities in the different metals. Mercury represented the pure 
metallic element, sulphur was the typical combustible element, 
and salt the element soluble in water and resistant to heat. The 
extent to which any metal was “ calcinable,” heat-resistant or salt¬ 
forming was supposed to depend on its content of these elements. 

A fragment of the old indefinite conception of elements survived 
for a long time in the 'phlogiston theory , which was not refuted until 
Lavoisier’s work at the end of the eighteenth century. According 
to the phlogiston theory, the combustible nature of any substance 
which would burn was attributed to the presence of a mysterious 
element known as phlogiston, which was given off during combus¬ 
tion. Substances which left behind very little ash were supposed 
to consist chiefly of phlogiston. According to the phlogiston 
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theory, both actual combustions and slow oxidation processes 
(such as the oxidation of metals and the processes of combustion 
in living organisms) consisted in the loss of phlogiston. Lavoisier 
demonstrated that the common feature of all these processes was 
not the loss of any substance, but the gain of oxygen. This discovery 
was the final blow to the old conception of elements, in which they 
were almost regarded as abstract principles representing the 
characteristic properties of substances. 

4. ACIDS, SALTS AND BASES 

An aqueous solution can have either an acid or a basic reaction. 
An acid solution tastes sour like vinegar or lemon juice. A basic 
solution has a caustic taste like soda or soap. Alkaline reaction 
is the same as basic reaction. In the laboratory it is usual to test 
the reaction of a solution by using as an indicator a dye which has 
different colours in acid and basic solutions. A solution which 
reacts neither acid nor basic with these indicators is termed neutral. 


THE COLOURS OF INDICATORS 



In add solution. 

In neutral solution. 

In basic solution. 

Litmus 

Red 

Purple 

Blue 

Methyl orange 

Orange 

Yellow 

Yellow 

Methyl red . 

Red 

Yellow 

Yellow 

Turmeric 

Yellow 

Yellow 

Brown 

Phenolphthalein . 

Colourless 

Colourless 

Red 


Acids. For the present we shall define an acid as a substance 
containing hydrogen which dissolves in water to give an acid solution. 
A more precise definition will be given later. The following are the 
most important acids :— 

Hydrogen chloride, composed of hydrogen + chlorine 

Nitric acid „ ,, hydrogen + nitrogen + oxygen 

Sulphurous acid „ ,, hydrogen + sulphur + oxygen 

Sulphuric acid „ ,, hydrogen + sulphur + oxygen 

Phosphoric acid „ ,, hydrogen + phosphorus + oxygen 

Carbonic acid „ ,, hydrogen + carbon + oxygen 

Oxalic acid „ ,, hydrogen + carbon + oxygen 

Acetic acid „ ,, hydrogen + carbon + oxygen 

Silicic acid „ ,, hydrogen + silicon + oxygen 

Sulphuric acid differs from sulphurous acid in that it contains a 
higher proportion of oxygen. 
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Nitric acid and sulphuric acid are liquids ; acetic acid is a solid 
which melts at 17° C.; phosphoric acid , oxalic acid and silicic acid 
are solids; hydrogen chloride is a gas which is absorbed in large 
quantities by water, giving a solution known as hydrochloric acid . 
Carbonic acid and sulphurous acid are only known in solution. If 
their solutions are evaporated down, they split oh water, giving 
respectively gaseous carbon dioxide and gaseous sulphur dioxide. 
Most of the other acids which contain oxygen can be split up into 
water and the oxide of a non-metal, but only by stronger heating. 
Conversely, the oxides of many non-metals can combine with water 
to form acids, and the products of combustion of non-metals 
therefore usually give an acid reaction in solution. 

The term acid radical is used to denote the portion of an acid 
which remains when hydrogen is subtracted, i.e 

Acid radical = acid — hydrogen, or 

Acid = hydrogen + acid radical. 

Acids and their aqueous solutions possess the important property 
of being able to dissolve metals with the evolution of hydrogen. All 
the metals before copper in the list on p. 3 are dissolved by acids 
with the evolution of hydrogen, and the higher in the list the metal 
is placed, the more rapidly will dissolution occur. Hydrogen is 
usually prepared by the action of dilute sulphuric acid on zinc. 

Salts. If the hydrogen in an acid is replaced by a metal, the 
product is in most cases a salt-like substance, i.e. y a substance 
having properties resembling those of common salt. For this reason 
all substances which can be derived from acids by replacing hydrogen 
by a metal are termed salts. There is, however, at present some 
tendency to restrict the name salt to those substances of this class 
which actually resemble common salt in their properties. 

Salts consist of metal plus acid radical, and their formation from 
a metal and an acid may be written : 


Metal + 

Acid — 

Hydrogen + Salt. 

hydrogen + acid radical 




metal + acid radical 

The salts of hydrochloric acid 

are 

called chlorides 

j ? 

,, ,, nitric 

33 

33 

3 3 

nitrates 

? ? 

,, „ sulphuric 

33 

33 

33 

sulphates 

3 5 

,, ,, sulphurous 

J) 

33 

3 3 

sulphites 

3 J 

,, „ phosphoric 

3 3 

33 

3 3 

phosphates 

33 

,, „ carbonic 

3 ) 

33 

3 3 

carbonates 

33 

,, ,, acetic 

3 3 

33 

3 3 

acetates 

J J 

,, ,, oxalic 

3 3 

33 

33 

oxalates 

3 3 

,, „ silicic 

33 

33 

33 

silicates 
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The best-known salt of hydrochloric acid is sodium chloride, 
universally known under the names table salt, cooking salt or 
common salt. The most important salt of nitric acid is sodium 
nitrate (Chile saltpetre). Among the salts of sulphuric acid are 
calcium sulphate (gypsum) and zinc sulphate, which is formed in 
the preparation of hydrogen from zinc and dilute sulphuric acid. 

Zinc + sulphuric acid - - hydrogen + zinc sulphate. 

hydrogen sulphate 

Finally it may be noted that washing soda is sodium carbonate, 
and that limestone and chalk are calcium carbonate. 

Sodium bicarbonate (or bicarbonate of soda) is carbonic acid in 
which only one-half of the hydrogen has been replaced by sodium, 
and is thus a half-way stage between carbonic acid and sodium 
carbonate. Salts of this kind, in which only a part of the acid 
hydrogen is replaced by metal, are termed acid salts. Alternative 
names for sodium bicarbonate are acid sodium carbonate and sodium 
hydrogen carbonate. 

Bases. For the present we shall define as bases all substances 
which dissolve in water to give an alkaline solution. A more 
precise definition will be given later. 

When sodium oxide is dissolved in water, an alkaline solution is 
obtained. This solution does not, however, contain sodium oxide 
itself, but a compound of sodium oxide and water. If the solution 
is evaporated down, this compound is obtained as a white and very 
corrosive solid called sodium hydroxide. Since this substance is 
formed from sodium oxide and water, the ratio of oxygen to hydrogen 
in it must he greater than in water itself. Investigation lias shown 
that the ratio is just twice as great, the quantities of sodium 
oxide and water which combine together being found to contain 
equal amounts of oxygen. In water the ratio of oxygen to hydrogen 
by volume is 1 : 2, while in sodium hydroxide it is 1:1. 

Sodium oxide water 

sodium + 1 vol. oxygen 1 vol. oxygon -f 2 vols. hydrogen 

sodium hydroxide. 

sodium + 2 vols. oxygen -f* 2 vols. hydrogen 

If the term hydroxyl is used for a combination of equal volumes 
of hydrogen and oxygen, sodium hydroxide can be said to consist 
of sodium and hydroxyl. Water can be written either as a compound 
of hydrogen and oxygen or as a compound of hydrogen and hydroxyl. 

Sodium hydroxide can also be prepared by adding sodium to 
water. (This experiment must he carried out very carefully with 



ACIDS, SALTS AND BASES 


small pieces of sodium, as the reaction takes place, v^ry violently.) 
In this reaction one-half of the hydrogen in the water 
and is replaced by sodium. 

Sodium + water - - hydrogen -f sodium hydroxide. 

hydrogen -f hydroxyl sodium + hydroxyl 

Basic properties are also exhibited by the oxides and hydroxides 
of most other metals. Potassium hydroxide, calcium hydroxide 
and barium hydroxide are (like sodium hydroxide) white solids 
dissolving in water to give strongly basic solutions. They may thus 
be described as strong bases. 

The metallic hydroxides were formerly described as hydrates 
of the corresponding oxides. Solutions of sodium hydroxide and 
potassium hydroxide in water are often referred to as caustic soda 
and caustic potash respectively, or more shortly as soda and potash. 
(The last two names are, however, often used for sodium and 
potassium carbonates.) Solutions of calcium hydroxide and 
barium hydroxide are called lime-water and baryta water. Slaked 
lime is calcium hydroxide, either solid or made to a paste with 
water. 

The metallic oxides and hydroxides represent an important 
type of basic substance. A different type of base is exemplified by 
ammonia , which is a colourless gas composed of nitrogen and 
hydrogen. Ammonia dissolves very readily in water to give a 
solution with a basic reaction. 


5. NEUTRALISATION 

If an acid and a base are mixed, they tend to destroy or weaken 
each other’s effect upon the colour of indicators, i.e., to neutralise 
each other. By mixing them in the right proportions it is usually 
possible to obtain a solution which gives neither an acid nor a basic 
reaction, but is neutral. If sodium hydroxide is neutralised in this 
way with hydrochloric acid and the resulting solution evaporated 
to dryness, a substance is obtained which can be shown by its 
taste and other properties to be sodium chloride. The process 
taking place in this neutralisation can be expressed as follows :—- 

Sodium hydroxide + hydrochloric acid —>- 

sodium + hydroxyl hydrogen -f chlorine 

sodium chloride + water, 

sodium -f chlorine hydrogen + hydroxyl 
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For any metallic hydroxide and any acid we can write the analo¬ 
gous scheme:— 

Hydroxide + acid —> 

metal + hydroxyl hydrogen -f acid radical 

salt + water, 
metal + acid radical hydrogen + hydroxyl 

A salt and water are also formed when an acid is neutralised by a 
metallic oxide , e.g. 

Hydrochloric acid + calcium oxide —>> 

hydrogen + chlorine 

calcium chloride + water. 

hydrogen + oxygen 

When an acid is neutralised by ammonia , no water is formed, but 
only ammonium salts, i.e salt-like substances which contain in 
place of a metal a combination of nitrogen and hydrogen known as 
the ammonium radical. 

Hydrochloric acid 4* ammonia —> 

hydrogen + chlorine nitrogen 4 hydrogen 

ammonium chloride, 
nitrogen -f hydrogen -f* chlorine 

Amounts of an acid and a base which can just neutralise one 
another are termed equivalent amounts. This term is also used to 
describe the amounts of different acids which will neutralise the 
same amount of a base, and similarly for the amounts of different 
bases which will neutralise the same amount of an acid. 

One gram-equivalent of an acid or a base is defined as the amount 
of the acid or base which is equivalent to 40-005 gm. of sodium 
hydroxide. A. solution which contains x gram-equivalents of a 
substance per litre is said to have a normality of x with respect to 
this substance, or to be x-normal. 

If a hydrogen compound is insoluble in water, it is impossible to 
establish whether it is an acid by testing its reaction in aqueous 
solution. If, however, the compound can destroy (or even diminish) 
the basic reaction of an alkaline solution in the same way as the 
soluble acids, it is termed an acid. In this way it can be shown 
that silicic acid is an acid, although it is insoluble in w r ater. Simi¬ 
larly, any substance which can destroy or diminish the acid reaction 
of a solution is termed a base. Since most metallic oxides and 
hydroxides are insoluble in water, it is only possible to show their 
basic nature in this way. 
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Different acids do not exhibit acid properties to the same degree. 
One acid is said to be weaker than another if it gives a less pure red 
colour with litmus, causes a less rapid evolution of hydrogen with 
zinc, and possesses to a lesser degree the power of dissolving and 
neutralising basic substances. A similar distinction is made between 
strong and weak bases. 



ATOMIC THEORY 

6. THE CONCEPT OE ATOMS 

Composite substances do not in general possess the properties 
of their components. There is, however, one property of the 
components which always remains unaltered, and that is their 
weight. The weight of a composite substance is exactly equal to 
the sum of the weights of its components. Expressed in another 
way, there is no change of weight when a composite substance is 
formed (law of the conservation of matter). If this law is taken in 
conjunction with the law of the indestructibility of the elements 
(see p. 2), the simplest interpretation is to assume that all composite 
substances are composed of minute particles of the elements which 
they contain. It is, of course, true that in most composite substances 
no individual particles of the elements present can be discerned 
even under the microscope. However, if the particles are suffi¬ 
ciently small and are mixed sufficiently intimately, the substance 
will appear to be quite homogeneous even if it is actually composed 
of particles of different kinds. 

The smallest particles of an element which occur in any composite 
substance are known as atoms, and the assumption that all matter 
is composed of atoms is known as the atomic theory. In the splitting 
up of substances or the formation of new substances the atoms are 
not destroyed, but are only mixed and re-sorted. 

All the atoms in a given dement are identical. If a substance 
contains different kinds of atoms, it will be possible to obtain 
substances with different properties by sorting out the atoms, 
i.e., the substance can be split up and therefore cannot be an ele¬ 
ment. Hence, according to the atomic theory there must be a 
perfectly distinct kind of atom corresponding to each of the ninety 
odd elements, and all matter must be built up from these ninety 
odd varieties of minute bricks. 

Recent investigations have shown that many of the so-called elements 
can in reality be separated into two or more very similar substances 
(isotopes). The separation is, however, very difficult, and so far has 
only been carried out completely in a few cases (hydrogen, neon). It 
has been considered most convenient to continue to apply the term 
element to such mixtures of very similar isotopes. Those elements 
which have been shown to be separable into several isotopes must 

12 
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contain a corresponding number of different kinds of atoms, which., 
however, resemble each other so much that for most purposes they can 
be considered to be identical. 

The atoms are assumed to be in rapid motion, and according to 
the mechanical theory of heat it is this motion which gives rise to the 
sensation of heat. 

7. COMPOSITE SUBSTANCES 

Mechanical Mixtures. Not even the most powerful microscope 
will enable us to see the single particles of hydrogen and oxygen 
in water, but other substances have a much coarser structure. 
Thus, for example, an ordinary piece of granite is easily found on 
closer inspection to contain three different substances, one red 
(felspar), one grey (quartz), and one dark (mica). If it is possible 
to detect with the eye (or, if necessary, with the microscope) different 
kinds of particles in a substance, that substance is said to be a 
mechanical mixture, or a heterogeneous substance. If a substance 
appears to be quite uniform even under the microscope, it is called 
homogeneous . All those parts of a heterogeneous substance which 
are of the same nature constitute together a phase. Granite contains 
three phases (felspar, quartz and mica). A homogeneous substance 
consists of a single phase. 

Special interest attaches to heterogeneous substances which 
consist of a liquid containing small particles either suspended or 
at the bottom. The two phases are usually termed the liquid and 
the precipitate , and they can be separated by filtration. Filtration 
is carried out by passing the mixture through a layer of porous 
material in which the pores are smaller than the solid particles. 
In ordinary filter paper, which consists of cellulose fibres packed 
tightly together, the diameter of the pores is about 0-001-0-005 mm. 
The liquid which passes through the filter paper, the filtrate , is not 
always clear and transparent, since sometimes some of the particles 
are smaller than the pores in the filter, and are thus able to pass 
through. The filters of porous clay used for filtering bacteria contain 
extremely small pores. If left undisturbed, the force of gravity 
will often cause the suspended particles to sink to the bottom, so 
that the supernatant liquid can be poured off {decantation). If the 
particles are lighter than water they will collect on top and can be 
skimmed off (e.g., the particles of fat in milk). Centrifugal force 
can be made much more powerful than gravity. This is why 
centrifuging is used for separating milk and for separating blood 
corpuscles from the liquid plasma. 

Pure Substances. Water as it occurs in nature is often cloudy 
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on account of the presence of suspended particles, but perfectly 
clear and homogeneous water can be obtained by filtration. This 
filtered water is, however, not pure in the chemical sense. It 
must first be distilled , i.e., it is boiled in a flask or boiler and the 
vapours condensed in a condenser , when it will be found that a solid 
residue remains in the distilling flask (< e.g ., salt from salt water, 
“fur” in kettles from tap water). The water condensed in the 
condenser and collected in the receiver (“ distilled water ”) will, on 
the other hand, leave no residue if it is distilled again, and it is 
therefore termed chemically pure. Rain water is distilled in nature, 
but it usually becomes contaminated while falling, and is therefore 
not quite pure. 

To term a stuff “ pure 99 from a chemical point of view it must 
not be separated into different substances by distillation, or, in 
other words, it must not be “ fractionated 99 by distillation. Simi¬ 
larly, it must not be fractionated by freezing ; the first solid to 
separate out must be of the same kind as the last to separate out. 
If sea water is partly frozen and the ice removed and melted sepa¬ 
rately, it will be found that the water obtained by melting is fresher 
than the original sea water, while the unfrozen water is salter than 
the original. Sea water can thus be fractionated by freezing, and 
is not a pure substance. In general, a chemically pure substance is 
a homogeneous substance which is not fractionated by changes of state 
(i.e,, freezing, melting, vapourising, condensing). A pure substance 
can be either an element or a composite substance ; in the latter 
case it is called a chemical compound. 

Solutions. Those homogeneous substances which are fractionated 
by changes of state are called homogeneous mixtures or solutions . 
When two substances mix to form a homogeneous mixture, the 
substances are said to dissolve one another. 

If we wish to find out by distillation whether a liquid is a pure 
substance or a mixture, the thermometer is of great service. If the 
boiling point of the liquid rises during distillation, it shows that the 
liquid is being fractionated and is therefore a mixture. If on the 
other hand the boiling point remains constant, this indicates that 
no fractionation has taken place and that the substance is pure. 
Thus pure water is well known to boil at the constant temperature 
of 100° C. (under a pressure of one atmosphere). 

In order to purify a solid substance or to discover whether it is 
pure, a process called recrystallisation is usually employed. The 
substance is dissolved in as small a quantity as possible of hot 
water (or other solvent), and part of it is caused to separate out 
again by cooling. The solid deposited is filtered off and dried, and 
experiments are carried out to discover whether it has the same 



COMPOSITE SUBSTANCES 


15 


composition or properties ( e.g ., melting point) as the original 
substance. Unchanged properties indicate a pure substance, 
while altered properties show that some fractionation has taken 
place and the substance cannot have been pure. Thus it can be 
shown by recrystallisation that neither the salt obtained by 
evaporating down sea water nor the crude sugar obtained by 
evaporating down sugar-cane juice is a pure substance. On the 
other hand, recrystallisation purifies the substances concerned, and 
by repeated recrystallisations it is possible to obtain chemically 
pure common salt and chemically pure sugar which are not altered 
by further recrystallisation. 

Crystals 

When a substance separates out as a solid from a solution or a 
molten mass it usually does so in the form of crystals , i.e ., bodies 
of regular shape bounded by plane surfaces. (Hence the name 
recrystallisation for the process described above.) In the formation 
of crystals, minute crystal nuclei are first formed in the liquid, and 
these then grow larger and larger by the deposition of fresh layers 
on their surfaces. In general, every substance has its own special 
crystal shape. A crystal is not only characterised by its external 
shape, but also by an internal structure. One sign of this is the fact 
that a crystal is split most easily in certain directions. This gives 
a characteristic appearance to the fracture of crystalline substances, 
which differs from the fracture of a non-crystalline C£ amorphous ” 
substance like glass. (When these amorphous solids are formed 
by cooling a liquid, the liquid becomes more and more viscous, 
until finally it has “ set ” completely without the separation of 
any solid particles.) Substances which have deposited in the form 
of crystals are frequently fairly pure, since the crystalline state of 
matter shows little tendency to form mixtures (solid solutions). 

Summary . A composite substance may be either a mechani¬ 
cal mixture, a solution or a chemical compound. It is a 
mechanical mixture if different components are visible to the 
eye. If it is homogeneous, but can be fractionated by change 
of state, it is a solution. If it is homogeneous and is not frac¬ 
tionated by change of state, it is a chemical compound. 

{The Splitting Up of Composite Substances. Mechanical mixtures 
can be easily split up into their components by filtration , centrifug¬ 
ing or similar processes, and solutions can be fairly easily split 
up into their components by distillation or recrysiallisation. 
Chemical compounds, on the other hand, are more stable and 
need more drastic treatment to split them up. It is necessary to 
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heat strongly ( e.g decomposition of potassium chlorate and lime¬ 
stone), or use an electric current (e.g., electrolysis of water), or use 
chemical action, i.e., action of another substance (e.g., the action 
of zinc on sulphuric acid). 

The Properties of Composite Substances. In a solution or a 
mechanical mixture it is usually possible to recognise without 
difficulty various properties of the components, while this is not 
possible in a chemical compound. Thus in a solution of sugar the 
properties of both the water and the sugar can be recognised, 
while in a chemical compound like water it is impossible to detect 
any of the properties characteristic of hydrogen or oxygen. 

8. THE CONCEPT OF MOLECULES 

In seeking to explain the difference between solutions and 
chemical compounds on the basis of the atomic theory, it is neces¬ 
sary to assume that the atoms are combined in groups which are 
so stable that they do not break up when the substance changes 
state. These groups are called molecules. If all the molecules in a 
substance are of the same kind, it will not be possible to fractionate 
the substance by changes of state : it will behave like a pure 
substance. If on the other hand a substance contains several 
kinds of molecules, these molecules may be sorted out by changes 
of state, thus causing a fractionation of the substance, which will 
therefore behave like a solution. We therefore arrive at the follow¬ 
ing result: a pure substance consists of identical molecules , while a 
solution consists of several sorts of molecules. 

On this molecular hypothesis it is easy to understand why a 
solution retains the properties of its components while a chemical 
compound does not. In the process of solution the molecules of the 
components retain their identity, so that the properties of the 
components are also partially retained. In the formation of a 
chemical compound, on the other hand, the old molecules disappear 
and new ones with different properties are formed. 

States (of aggregation). According to the molecular hypothesis, 
the differences between the solid, the liquid and the gaseous states 
are not due to the existence of different molecules in the different 
states, and it is necessary to find another explanation. An explana¬ 
tion is readily forthcoming if it is assumed that the molecules can 
attract one another, but only when they are very close together. 
In the gaseous state the molecules are far distant from one another ; 
hence they will only attract one another to a small degree, and 
their motion will spread them throughout the whole of the space 
available—the most characteristic feature of this state of aggrega- 
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tion. In the liquid state the molecules are much closer together, 
and attract one another ; their motion can make them move about 
around each other, but cannot cause them to spread out. This 
explains the fact that liquids (but not gases) can be kept in open 
vessels. In solid bodies the molecules are so firmly linked together 
that they are unable to move completely away from their original 
positions, and can only vibrate backwards and forwards about 
these positions. It is this firm attachment of the molecules which 
gives solid substances their rigidity. Solids can be sub-divided into 
crystalline solids, in which the molecules are arranged in a regular 
pattern in space, and amorphous solids, in which they lie completely 
at random. 

Physical and Chemical Processes. Processes in which the molecules 
remain unchanged are called physical processes, while processes 
in which new kinds of molecules are formed are called chemical 
processes or chemical reactions. Filtration, fusion, evaporation, 
dissolution and recrystallisation are examples of physical processes. 
The decomposition of potassium chlorate by heat, the decomposition 
of water by electrolysis and the preparation of hydrogen from zinc 
and sulphuric acid are examples of chemical processes. A physical 
process may serve to separate substances already present in a 
mixture, but a chemical process leads to the formation of fresh 
substances. When a new chemical compound has been prepared 
by a chemical reaction it is usually contaminated with the original 
materials or with other products formed simultaneously. To 
obtain it in a pure state it must therefore be freed from impurities 
by physical processes such as distillation, recrystalhsation, filtration, 
etc. 

It is often difficult to decide whether a given process is chemical 
or physical. Processes involving fusion, evaporation, and especially 
solution, can lead to changes in the molecules present, and hence 
be actually chemical processes. 

Examples oj the Difficulties which may arise in deciding whether a 
given Substance is a Mixture or a pure Chemical Compound . It is not 
true to state that a pure chemical compound can never be fractionated 
by changes of state, for under special circumstances the molecules of 
the substance may be broken up, thus giving rise to a mixture. If a 
substance behaves like a pure compound under a number of different 
conditions it may be assumed to be pure, even although under other 
conditions it is decomposed or fractionated. 

For example, sugar and potassium chlorate are pure chemical 
compounds, since they cannot be fractionated by recrystallising in 
different ways. However, if attempts are made to distil them their 
molecules are broken up and they form other substances. 

On the other hand, it may also be erroneous to assume that a substance 
is pure because it is not fractionated by a single change of state. It 
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sometimes happens that a mixture may change state without being 
fractionated, the relative amounts of the two kinds of molecules being 
unchanged by the process. 

Tor example, hydrochloric acid containing 20% of hydrogen 
chloride distils over without any change in composition, while either 
a stronger or a weaker acid is fractionated, 20% hydrochloric acid 
always being left in the flask at the end. It was therefore believed 
for a long time that 20% hydrochloric acid was a pure chemical com¬ 
pound. However, if the distillation is carried out at a pressure differing 
from atmospheric, this acid is soon seen to be a mixture. Under a 
pressure of three atmospheres the distillate from 20% hydrochloric 
acid contains more than 20% hydrogen chloride, and it is now an acid 
containing 18% hydrogen chloride which distils without any change 
in composition. There is thus only one fixed pressure at which 20% 
hydrochloric acid distils over without fractionation. 

The above considerations lead to the following rule. A substance 
is pure if it behaves as a pure substance under several different sets of 
conditions (more correctly, over a finite range of conditions), but it 
need not necessarily behave like a pure substance under all conditions. 


9. THE COMPOSITION OE SOLUTIONS 

Saturated Solutions. In investigating how the relative amounts 
of the components of a composite substance can vary, important 
differences are found between mechanical mixtures, solutions and 
chemical compounds. In a mechanical mixture of two substances 
there is no restriction as to the relative amounts of the two com¬ 
ponents, provided that they do not form solutions or chemical 
compounds with one another. If on the other hand we attempt to 
make solutions of sodium chloride (common salt) in water by shaking 
together varying amounts of salt and water in a closed flask, it 
will be found that there is a limit to the amount of salt which will 
dissolve in a given amount of water. If more than 36 parts of salt 
are added to 100 parts of water, it will be impossible to make all 
the salt dissolve, however long shaking is continued. The com¬ 
position of a solution is thus in general subject to some restrictions. 
If a solution is unable to dissolve more of a substance on being 
shaken up with it it is called a saturated solution. The composition 
of the saturated solution of a pure substance is independent of the 
amount of substance shaken up with the solvent, provided only 
that the amount is great enough to leave some substance im- 
dissolved. An unsaturated solution is a solution which is less 
concentrated than a saturated solution ( i.e a given amount of 
solvent contains less substance dissolved than in the case of the 
saturated solution). An unsaturated solution can have any com¬ 
position within the limits imposed by the saturated solution. 

The solubility of a substance is given by the composition of its 
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saturated solution. The concentration can be measured by the 
number of grams of dissolved substance present in 100 grams of 
solvent. Different substances have very different solubilities in 
water. If the saturated solution contains more than about 10% 
of a substance, the substance is said to be very soluble, if less than 
about 1% the substance is sparingly soluble, while if less than 
about 0-01% dissolves, the substance would generally be described 
as insoluble. It is unlikely that an absolutely insoluble substance 
exists. 

Solubility Curves . The solubility of a substance usually (though 
not always) increases with rise of temperature. The variation of 




Fig. 1. —The solubility of sodium Fig. 2. —Solubility curves of four 

chloride. salts. 

solubility with temperature is best shown graphically. Fig. 1 
shows how the solubility of sodium chloride in water varies with 
the temperature. A temperature scale is marked out along the base 
of the figure, and a concentration scale vertically on the left. Every 
point on the figure thus refers to a solution of a given concentration 
(i.e.j the concentration horizontally opposite the point) and given 
temperature ( i.e ., the temperature vertically below the point). 
This may be expressed by saying that in this graph the abscissce 
represent temperatures and the ordinates concentration. By 
joining the points representing the composition of the saturated 
solutions at different temperatures, the solubility curve is obtained. 
The solubility curve for sodium chloride given in Fig. I shows 
that 100 grams of water will dissolve 36 grams salt at 0° C. and 39 
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grams at 100°. Between these two temperatures the solubility 
rises steadily and slowly. In the neighbourhood of 0° there is a 
sudden change of direction in the solubility curve, and below 0° the 
solubility decreases more rapidly with fall of temperature. The area 
below the solubility curve contains the points corresponding to 
unsaturated solutions. 

Fig. 2 shows some characteristic solubility curves. The rapidly 
rising curves for sodium nitrate and lead nitrate show that the 
solubility of these substances increases rapidly with rising tempera¬ 
ture, while the almost horizontal curve for sodium chloride shows 
that in this case the solubility varies only slightly with temperature. 
The curve for sodium sulphate rises rapidly up to 32°, where it 
changes its direction sharply, and falls above 32°. The solubility 
of sodium sulphate is a maximum at 32°. 

Supersaturated Solutions. Points which lie above the solubility 
curve correspond to solutions which are more concentrated than 
saturated solutions (supersaturated solutions), and thus cannot be 
prepared by shaking the substance with solvent. It is, however, 
possible to prepare such supersaturated solutions. If a warm 
saturated solution is cooled carefully, the dissolved substance will 
not always separate out, even if it contains more dissolved substance 
than a solution saturated at the lower temperature. However, the 
excess solid will often separate out spontaneously, and it will always 
do so if a crystal of the dissolved substance is added (seeding), 
since this crystal will form a nucleus for the crystallisation of the 
substance. If the spontaneous formation of crystal nuclei in a super¬ 
saturated solution is rare, the solution will be correspondingly 
stable, provided that it is protected against nuclei entering from 
outside. 

Freezing Point and Boiling Point Curves . Water freezes to ice 
when it is cooled to below 0°, and vaporises to steam if it is heated 
above 100° at a pressure of one atmosphere. In exactly the same 
way aqueous solutions will form ice when they are cooled below 
their freezing point, and steam when they are heated above their 
boiling point. However, in the case of aqueous solutions the freezing 
point and boiling point do not lie at 0° and 100° respectively, as for 
pure water, because dissolved substances lower the freezing point 
and raise the boiling point. The dotted lines in Fig. 1 shows how 
the freezing points and boiling points of sodium chloride solutions 
vary with the concentration of sodium chloride. The curves begin 
respectively at 0° and 100° and continue upwards, getting gradually 
further apart, until they reach the solubility curve. All solutions 
which are stable are represented by points inside the area bounded 
by the base line, the freezing point curve, the solubility curve and 
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the boiling point curve. Solutions above the solubility curve are 
supersaturated and will deposit salt either spontaneously, or at 
any rate on seeding. Solutions to the left of the freezing point curve 
will (if they can be prepared at all) very readily deposit ice, i.e., 
they are super-cooled . Solutions to the right of the boiling point 
curve will (if they can be prepared at all) have a great tendency to 
give off vapour explosively, i.e., they are super-heated. 

Water oe Crystallisation 

When a solid substance separates out from aqueous solution its 
crystals often contain chemically combined water, which is lost 
on drying or heating to a higher temperature. This water is termed 
water of crystallisation. Below 32° sodium sulphate separates out 
with a large amount of water of crystallisation, which it loses on 
heating above 32° (the transition temperature). The solubility 
curve below 32° gives the solubility of the salt containing water of 
crystallisation^ while the solubility curve above 32° gives the solu¬ 
bility of the salt containing no water (called the anhydrous salt). 
The two branches which compose the solubility curve of sodium 
sulphate thus correspond to two different solid substances, and it 
is therefore quite natural tha:t they do not run smoothly together, 
but meet at an angle (see Fig. 2). In just the same way the sharp 
change of direction at about 0° in the solubility curve of sodium 
chloride is due to the fact that sodium chloride below 0° crystallises 
with water of crystallisation, which it gives up on warming above 0°. 

Except at the transition temperature, different forms of a solid 
substance have different solubilities, and the stable form is always the 
least soluble. 

The Solubility of Gases. The amount of a gas which will dissolve 
in water depends upon the pressure (or, in mixtures of gases, the 
partial pressure). The greater the pressure, the more will be 
dissolved. The amount dissolved is usually proportional to the pres¬ 
sure {Henry's law). Henry’s law holds for the solubility of oxygen, 
nitrogen and carbon dioxide in water, but not for the solubility of 
hydrogen chloride in water. Any dissolved gases present in a liquid 
can usually be completely removed by boiling, when they are 
removed with the vapour. However, it is only those gases for 
which Henry’s law holds which can be removed in this way. Boiled- 
out water contains neither free oxygen, nitrogen nor carbon dioxide, 
but if it has been contaminated w r ith a little hydrogen chloride 
(hydrochloric acid), this will not be removed by boiling. 
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10. THE COMPOSITION OF CHEMICAL COMPOUNDS 

The Law of Constant Proportions. It is a characteristic of chemical 
compounds that they always have a perfectly fixed composition by 
weight (the law of constant proportions). 

Thus, for example, if hydrogen and oxygen are mixed in various 
proportions and the mixture ignited by an electric spark, we do 
not obtain water of varying composition, but always water composed 
of two volumes of hydrogen to one of oxygen. The water formed 
has this composition independent of whether the gases are mixed 
in exactly this ratio, or whether there is a large excess of either 
oxygen or hydrogen. In the latter case the excess of oxygen or 
hydrogen remains free after the explosion. 

Besides water, another pure compound is known, composed only 
of hydrogen and oxygen, i.e. } hydrogen peroxide. It is a heavy 
liquid with properties considerably different from those of water. 
It cannot be prepared by burning hydrogen, but is obtained by a 
roundabout method. Hydrogen peroxide always contains one 
volume of hydrogen combined with one volume of oxygen. We 
thus know two chemical compounds of hydrogen and oxygen in 
which these elements are combined in different proportions, but 
each compound has its own definite composition. A similar state of 
affairs is found with other elements. Thus two compounds of 
copper and oxygen are known, red copper oxide (cuprous oxide), 
in which 100 parts of copper (by weight) are combined with 12*58 
parts of oxygen, and black copper oxide (cupric oxide), in which 
100 parts of copper are combined with 25*16 parts of oxygen. 
Similarly, five compounds between nitrogen and oxygen are known, 
three between carbon and oxygen, etc. It is never possible to 
prepare more than a limited (and usually small) number of chemical 
compounds between two substances, and each of these compounds 
is characterised by a perfectly definite composition and its own 
particular properties. 

We thus have the following differences between the different 
types of composite substances. Mechanical mixtures can be prepared 
without any restrictions as to composition. Solutions can be 
prepared with any compositions within the limits set by the saturated 
solution. Chemical compounds can only be prepared with a few 
perfectly definite compositions. 

This difference between mixtures and chemical compounds is in 
complete agreement with the theory of molecules. According to 
this theory all the molecules in a pure chemical compound are 
identical. The ratio of the weights of the components present in a 
pure chemical compound must therefore be the same as the ratio 
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of the weights of the elements in a single molecule. But the molecule 
can only consist of whole atoms, and hence chemical compounds 
can only be formed with those compositions which correspond to 
whole numbers of the atoms concerned. If a molecule contains 
3 atoms of an element of atomic weight A and 5 atoms of an element 
of atomic weight B, the ratio of the weights of the two elements is 
3A 

—. If we wish to alter the composition of this molecule, we must 


add or subtract at least one atom, and if, for example, we add 1A 

4A 

atom to the molecule, the weight ratio is now —. In any chemical 


compound between the atoms A and B, the weight ratio can be 

pA 

written where p and q are whole numbers. 
qB 


The Law of Multiple Proportions. When two elements combine 
to form more than one compound, the several amounts of the one 
element which combine with a fixed amount of the other are in the 
ratio of whole (and generally small) numbers. This can also be 
expressed by saying that the several amounts are all multiples of 
the same amount, so that this law is known as the law of multiple 
proportions. 

Examples. One volume of oxygen combines with one volume 
of hydrogen to give hydrogen peroxide, and with two volumes of 
hydrogen to give water. These amounts of hydrogen are in the 
ratio 1:2. Bed copper oxide contains 12-58 parts of oxygen per 
100 parts copper, while black copper oxide contains 25-16 parts of 
oxygen per 100 parts copper. These amounts of oxygen are in the 
ratio 1:2. The five oxides of nitrogen contain respectively 16, 
32, 48, 64 and 80 parts oxygen per 28 parts nitrogen. These 
amounts of oxygen are in the ratio 1 : 2 : 3 : 4 : 5. 

The law of multiple proportions can be deduced from the atomic 
theory. Thus, for example, the composition of the oxides of nitrogen 
is readily understood if we assume that they contain respectively 
1, 2, 3, 4 and 5 atoms of oxygen combined with the same number 
of atoms of nitrogen. 


The law of multiple proportions can be deduced more precisely in 
the following way. Let the molecules of one compound contain p atoms 
of the element A and q atoms of the element B (A ;j B y ), and let the mole¬ 
cules of a second compound contain r atoms of A and s atoms of B 
(A r B g ). Then the first compound contains qr atoms of B per pr atoms 
of A, and the second compound contains ps atoms of B to the same 
amount of A. Hence the several amounts of B which combine with 
the same amount of A (pr atoms) will be in the ratio qr : ps, and since 
q, r, p and s are all whole numbers, this ratio involves only whole 
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numbers. It is usually found in practice that these ratios involve 
only small numbers ; this indicates that p, q , r and s are small numbers, 
i.e 9 that molecules usually contain only a small number of atoms. 

The Law of Equivalent (or Reciprocal) Proportions. The branch 
of science dealing with the quantitative composition of chemical 
compounds is known as stoichiometry. The fundamentals of 
stoichiometry are contained in the laws of constant and multiple 
proportions, to which must be added the law of equivalent propor¬ 
tions. This law states that the amounts of two elements which 
can replace one another in chemical compounds ( i.e the amounts 
which are equivalent) usually bear a constant ratio to one another, 
no matter what compounds are used for determining the ratio. 
For example, 23 gms. of sodium are equivalent to 39*1 gms. of 
potassium in the chlorides, sulphates and nitrates of these 
metals. These amounts of sodium and potassium are combined 
with the same amount of chlorine (35-5 gms.) in sodium chloride 
and potassium chloride, with the same amount of sulphate radical 
(48 gms.) in sodium and potassium sulphate, and with the same 
amount of nitrate radical (62 gms.) in sodium and potassium 
nitrate. 

The ratio between the equivalent amounts of two elements is, 
however, not always the same ; in some cases the ratios for two 
pairs of compounds will bear a simple numerical relation to one 
another (i.e., will be simple multiples of the same number). This 
regularity is also a direct consequence of the atomic theory, for the 
ratio of equivalent amounts must be always equal to the ratio of 
the weights of whole numbers of atoms. 

The discovery of the stoichiometric laws was the chief factor 
which about a century ago led to belief in the existence of atoms 
and molecules, and even to-day the validity or otherwise of these 
laws of composition is a valuable criterion for deciding whether a 
process is chemical or physical. 

lit the mechanical theory of heat 

It is assumed nowadays that atoms and molecules are in a state 
of extremely rapid motion, and that it is this motion which gives 
rise to the phenomena of heat. The warmer a substance is, the more 
rapid are the motions of the particles it contains. This conception 
of the nature of heat is known as the mechanical theory of heat. A 
body can he heated by hammering or rubbing it, since such treat¬ 
ment makes the molecules it contains move more rapidly. It may 
appear at first sight a very daring assumption to suppose that all 
matter consists of molecules in rapid motion. However, this 
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assumption has been directly confirmed by microscopic investiga¬ 
tions. If a drop of water is examined through the microscope, 
it is impossible to see the single water molecules. If, however, the 
water contains small particles which are just visible in the micro¬ 
scope ( e.g dead bacteria or similar bodies), it will be found that 
these particles are never at rest, but execute irregular zig-zag 
movements which are more rapid the smaller the particles and the 
warmer the water. This phenomenon is known as the Brownian 
movement (after its discoverer, the botanist Brown), and can only be 
explained as being due to the impact of the water molecules upon 
the particles visible in the microscope. 

A body in which the atoms and molecules do not move contains 
no heat, and is therefore as cold as it can possibly be. This absolute 
zero of temperature lies at — 273° Centigrade. It is not possible to 
cool a substance to absolute zero, though nowadays temperatures 
quite near it can be obtained. 

In the absolute temperature scale the temperature at absolute zero 
is denoted by 0°. If 273 is added to a temperature on the Centigrade 
Scale, the corresponding absolute temperature is obtained. 

On the basis of the mechanical theory of heat we can understand 
why solid substances melt on heating and vaporise on still further 
heating. In a solid the movements of the molecules are so small that 
a given molecule never moves far from its original position and 
always remains between its surrounding molecules. On heating 
the solid, its molecules move faster and faster, and when the move¬ 
ments have become so violent that the molecules can move away 
from their surroundings the substance melts and becomes a liquid. 
On still further heating, the motions of the molecules will finally 
become so violent that they can often tear themselves away from 
the surface of the substance and fly out into space, i.e. 9 the substance 
evaporates. 


12. AVOGADRO’S HYPOTHESIS 

According to the mechanical theory of heat, the pressure which 
a gas exerts on the walls of its containing vessel is due to the 
continual impacts of the gas molecules, which collide with the 
wall at a high speed and are reflected back again. On the basis 
of this idea it can be shown that at a given temperature the pressure 
exerted by a gas depends only on the number of gas molecules in a 
given volume, and not on the size, nature or weight of the molecules. 
The proof of this statement is too long to reproduce here, but it 
may be noted that heavy molecules do not give a greater pressure 
than light ones, because at the same temperature they have a lower 
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average speed. Since the pressure only depends on the temperature 
and the number of molecules, we can state that equal volumes of 
gases at the same temperature and pressure contain equal numbers 
of molecules (Avogadro’s hypothesis). Thus at 18° and one atmo¬ 
sphere pressure one litre of hydrogen, one litre of oxygen and one 
litre of air contain equal numbers of molecules. 

By means of Avogadro’s hypothesis we can determine the mole¬ 
cular ratio in which two gases combine chemically with one another. 
Thus if a litres of one gas react with b litres of another, according 
to Avogadro’s hypothesis a molecules of the first gas must react 
with b molecules of the second, and the molecular ratio is thus a : b. 
In the formation of water, one litre of oxygen combines with two 
litres of hydrogen ; hence each oxygen molecule must combine 
with two hydrogen molecules, and the molecular ratio is 1 : 2. 

Chemical processes between gases usually show simple volume 
relations, from which we can conclude the chemical processes 
usually take place in simple molecular ratios. This agrees with the 
fact mentioned previously that the number of atoms in a molecule 
is usually quite small. 

13. DETERMINATION OF THE MOLECULAR WEIGHT 

OF GASES 

The single molecules are so small that it is not possible to weigh 
them singly. Nevertheless, by means of Avogadro’s hypothesis the 
molecular weights of gaseous substances can be compared. 

If we wish to determine the ratio between the weights of a grain 
of wheat and a grain of barley, and have no balance accurate enough 
to weigh the grains singly, we can employ the artifice of weighing 
100 grains x>f each kind, using a coarser balance. Similarly, we can 
determine the ratio of the molecular weights of two substances by 
comparing the weights of amounts of two substances containing 
equal numbers of molecules. But according to Avogadro’s hypo¬ 
thesis, equal volumes of gases contain equal numbers of molecules ; 
hence the ratio of the molecular weights of two gases may be deter¬ 
mined by weighing equal volumes of those gases. 

Such determinations can be carried out by weighing a closed 
vessel fitted with a stop-cock, first evacuated and then filled with 
the gases. For example, if it is found that the vesel contains 
1*953 gms. oxygen and only 0*123 gins, hydrogen, the oxygen 
molecule must weigh 1*953/0*123 = 15-9 times as much as the 
hydrogen molecule. 

The values in the following table give the weights of one litre of 
various substances in the gaseous state under normal temperature 



DETERMINATION OF MOLECULAR WEIGHT 27 


and pressure (. N.T.P .), i.e., at 0° C. under a pressure of one atmo¬ 
sphere. The molecular weights of the substances concerned must 
be in the same ratio as these weights. The molecular weight of a 
substance is usually given in relation to the molecular weight of 
oxygen, for which the value 32 has been chosen. If a substance has 
molecules twice as heavy as those of oxygen, its molecular weight 
will be 64. The unit of molecular weight is thus 1/32 the weight 
of the oxygen molecule. If the molecular weight of a gas is M, and 
the weight of one litre at N.T.P. is P, Avogadro’s hypothesis gives 

M 

oo -TToo an( * kence M = 22-4P 

SJj 1*429 

(1-429 is the weight of a litre of oxygen at N.T.P.). 

The molecular weight of a gas is thus equal to 22-4 times the weight 
in grams of one litre at N.T.P. The table shows some molecular 
weights calculated by means of this formula :— 


Gas. 

Weight of 1 l. 
at N.T.P. 

Molecular 

weight 

(i oxygen — 32). 

Water .... 



0*805 

18-02 

Hydrogen chloride . 



1*628 

36*47 

Carbon monoxide 



1*251 

28*00 

Carbon dioxide 



1*965 

44*00 

Hydrogen . - . 



0-090 

2*02 

Oxygen .... 



1*429 

32*00 

Chlorine. 



3*166 

70*92 


If the weight of 1 litre of a gas has been determined at a temperature 
other than 0° or a pressure other than 1 atmosphere, the corresponding 
weight at N.T.P. can be calculated by means of the general laws which 
govern the variation of gas volumes with temperature and pressure. 
This procedure is specially useful in determining the molecular weights 
of substances which are not gases at N.T.P. For example, the weight 
of 1 litre of water vapour at 0° and 1 atmosphere can be calculated 
from experimental results at temperatures above 100°. 

The G-ram-molecule (or Mole). If a substance has the molecular 
weight M, then M grams is termed one gram-molecule (or one mole) 
of the substance. Thus one gram-molecule of oxygen is 32 gms. 
of oxygen, and one gram-molecule of water is 18*02 gms. water. 
Since the molecular weight of any gas is obtained by multiplying 
the weight of one litre at N.T.P. by 22*4, 22*4 litres of gas at N.T.P. 
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must just contain one gram-molecule. Hence one gram-molecule of 
any gas at 0° and 1 atmosphere (. N.T.P .) occupies a volume of 22*4 litres . 

The Actual Size oe Molecules 

The number of actual molecules in a gram-molecule is the same 
for all substances. We shall not describe here how this number has 
been determined, but shall only state that its value is 6*1 x 10 23 . 
This number is usually termed Avogadro's number. By dividing 
the molecular weight M by Avogaclro’s number w r e obtain the 
actual weight of a single molecule in grams. 

The relative density of a gas compared with atmospheric air (d) is 
almost independent of temperature and pressure. It is obtained 
by dividing the weight of one litre of the gas (P) by the weight of 
one litre of atmospheric air. One litre of air at N.T.P. weighs 
1*293 gms., so that d = P/T293. If in this expression we substitute 
the molecular weight M in place of P by means of the relation 
M = 22*4P we have 

P M M 

~~ 1*293 ~ 22*4 x 1*293 ~ 28*96* 

The relative density of a gas can thus be calculated with fair 
accuracy by dividing the molecular weight by 29. The equation 
can also be written M = 29 d, showing that the molecular weight of 
a gas can be calculated by multiplying the density of the gas relative 
to air by 29. 

14. DETERMINATION OF ATOMIC WEIGHTS 

If we know that the molecular weight of water is 18*02, and also 
know its composition by weight, we can calculate how much hydro¬ 
gen and oxygen the molecule contains. Water contains two litres 
of hydrogen to each litre of oxygen. One litre of oxygen weighs 
1*429 grams and two litres of hydrogen weigh 2 x 0*090 = 0*180 
grams ; hence, since 

0*180 _ ]q.9 

0*180 -f 1*429 ‘ UU ~ 11 

water must contain 11*2% hydrogen and 88*8% oxygen. 

Combining this result with the molecular weight of water, 18*02, 
we find that the water molecule contains 2*02 parts of hydrogen 
and 16*00 parts of oxygen. In a similar way the weights of the 
different elements in the molecule can he calculated for any substance 
of known molecular weight and percentage composition. The 
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following table contains the results of a series. w+ - — ions ot tms 


DATA TOR DETERMINING- ATOMIC WEIGHTS 


Gas . 

Mole¬ 

cular 

weight. 

Composition. 

Amounts of different elements 
in one molecule . 

Chemi¬ 
cal for¬ 
mula. 




Hydro¬ 

gen. 

Oxygen. 

Chlor¬ 

ine. 

Carton. 


Water 

18-02 

11-2% hydrogen 

2-02 

16-00 



H»0 

Hydrogen chloride 

36-47 

2-76% „ 

1-01 

— 

35-46 

— 

HCl 

Ethylene . 

28-04 

14-4% 

4*04 

—. 

— 

24-00 

c 2 h 4 

Benzene . 

78-06 

7*76% „ 

6-06 

— 

— 

72-00 

c,h 6 

Carbon tetra¬ 







chloride . 

153-84 

7-80% carbon 

— 

— 

141*84 

12-00 

CC1, 

Carbon monoxide 

28-00 

42*9% 

— 

16-00 

— 

12-00 

CO 

Carbon dioxide . 

44-00 

27-3% 

— 

32-00 

— 

12-00 

co a 

Hydrogen . 

2-02 


2-02 

— 

— 

— 

H a 

Oxygen . 

32-00 

— 

— 

32-00 

— 

— 

Oa 

Chlorine . 

70-92 

— 

— 

— 

70-92 

— 

Cl, 

Atomic weight 
Symbol 



1-01 

H 

16-00 

O 

35-46 

Cl 

12-00 

C 



If we consider the amounts of hydrogen present in the molecules 
of different substances, it is immediately seen that they are all 
multiples of 1*01, which is the smallest amount of hydrogen occur¬ 
ring in any molecule. It is therefore reasonable to assume that 
one hydrogen atom weighs 1*01, and that any molecule containing 
1*01 parts of hydrogen contains one hydrogen atom, while any 
molecule containing 1*01 X n parts contains n hydrogen atoms; 
It is always possible that the atomic weight of hydrogen might be 
smaller than 101, e.g. 9 one-half of this value: this is, however, 
very improbable, since it would mean that the molecules of all 
hydrogen compounds must contain an even number of hydrogen 
atoms. By similar arguments we can deduce from the data in the 
table that the atomic weight of oxygen must be 16*00, that of 
chlorine 35*46, and that of carbon 12*00. The unit in which these 
atomic weights are expressed is, of course, the same as for molecular 
weights, i.e., 1/32 of the weight of an oxygen molecule. By taking 
the molecular weight of oxygen as 32, the atomic weight of hydrogen 
(which has the lightest atoms known) comes out very near to unity. 

Atomic Symbols. The atoms of the different elements are denoted 
by the initial letter of the Latin name of the element. In the ease 
of elements beginning with the same letter, one of the subsequent 
small letters is added, A complete alphabetical list of the symbols 
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and atomic weights of all known elements is given at the beginning 
of the book. The following list gives a few of the symbols and 
atomic weights in round numbers. 


Hydrogen . 

H 

= 1 

Oxygen 

0 

= 16 

Nitrogen 

N 

= 14 

Chlorine 

Cl 

= 35-5 

Sulphur 

s 

= 32 

Phosphorus. 

p 

= 31 

Carbon 

c 

= 12 

Silicon 

Si 

= 28 

Sodium 

Na 

= 23 

Potassium . 

K 

= 39 

Calcium 

Ca 

= 40 

Magnesium . 

Mg 

= 24 


Chemical Formulae. These 
denote the atomic composition 


Barium 

Ba = 

137 

Aluminium 

A1 = 

27 

Manganese 

Mn = 

55 

Zinc . 

Zn = 

65 

Iron . 

Fe = 

56 

Lead . 

Pb = 

207 

Tin . 

Sn = 

119 

Copper 

Cu = 

64 

Mercury 

Hg = 

201 

Silver . 

Ag = 

108 

Gold . 

Aii = 

197 

Platinum 

Pt = 

195 

atomic symbols 

can be used to 

of the different 

molecules. 

The 


water molecule contains two hydrogen atoms and one oxygen atom, 
and is written H 2 0 ; the benzene molecule contains six carbon 
atoms and six hydrogen atoms, and is written C 6 H 6 , etc. These 
designations are called the chemical formulae of the substances. 


It should be noticed that the molecules of hydrogen, oxygen 
and chlorine each contain two atoms, and must therefore be written 
H 2 , 0 2 and Cl 2 ; the nitrogen molecule is also diatomic , N 2 . It 
should not, however, be concluded that all elements consist of 
diatomic molecules, since this is not the case. 


15. DETERMINATION OF THE MOLECULAR WEIGHT 
OF DISSOLVED SUBSTANCES 

Semipermeable Membranes. A piece of filter paper is permeable 
to both water and dissolved substances, and only holds back sub¬ 
stances present as a mechanical mixture. There are, however, 
membranes which allow the passage of water but are impermeable 
to dissolved substances. Examples of such membranes are the 
cell walls of plants and the membranes of animals, which are 
termed semipermeable to various solutions. Thus water can readily 
pass through them, but albumen dissolved in the water is unable 
to pass. If a piece of intestine is filled wdth albumen solution, tied 
up and immersed in water, the water will pass into the intestine 
and expand it, but it will not be possible to detect any albumen in 
the w r ater outside the intestine, even after a long time. We may 
picture the semipermeable nature of these membranes as being 
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due to the presence of very small pores which allow the passage of 
the small water molecules, but keep back the large molecules of the 
dissolved substance. 

Most semipermeable membranes are only impermeable to a 
certain group of substances known as colloids , because they resemble 
glue (Greek holla). It is, however, possible to prepare a semi¬ 
permeable membrane which will also exclude non-colloidal sub¬ 
stances such as sugar and many salts. This is done by floating a 
solution of copper sulphate on a solution of potassium ferrocyanide ; 
at the boundary of the two solutions a layer of brown copper ferro¬ 
cyanide is produced, forming a coherent membrane 
which is impermeable to the salts from which it 
was formed. This membrane is extremely fragile, 
and a more serviceable one may be made by filling 
an unglazed porcelain cylinder with copper sulphate 
solution and immersing the cylinder in the potassium 
ferrocyanide solution. In this way the membrane 
is formed in the walls of the cylinder, and is strong, 
as well as being impermeable to sugar and many 
salts. 

Osmotic Pressure. To demonstrate this phenome¬ 
non, a porcelain cylinder prepared as above is 
filled with sugar solution and closed tightly by a 
stopper fitted with a long narrow tube (see Fig. 3). 

On placing the apparatus in a beaker of pure water, 
water will diffuse into the cylinder and the solution 

will rise in the narrow tube. This causes an excess - Fig 3 _Osmo- 

pressure inside the apparatus, which may be measured meter, 

by the height to which the liquid has risen in the Solution, 

narrow tube. If the cylinder contains a 1% solu- c ~ 
tion of sugar, the water will continue to pass in 
until the pressure has increased to about 0*7 atmospheres. With 
this excess pressure the pressure inside is just able to prevent 
any more water passing into the solution. This pressure is called 
the osmotic pressure of the solution, and the apparatus described 
for determining the osmotic pressure is called an osmometer. The 
value of the osmotic pressure is independent of the nature of the 
membrane employed ; the same pressure is obtained with all kinds 
of membranes, provided only that they are impermeable to the 
dissolved substance. 

The osmotic pressure can attain very large values. In a 10% 
solution of sodium chloride it is about 80 atmospheres. In certain 
kinds of plants the stiffness of the leaves and stalks disappears if 
there is a shortage of water. This stiffness is due to the excess 
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osmotic pressure in their cells. Inside the cells of a well-watered 
plant the pressure will be higher than it is outside, since water will 
continue to pass up from the soil to the cells until the excess 
pressure in the cells is equal to the osmotic pressure of the sub¬ 
stances in the cell liquid, which cannot pass through the cell 
walls. Cycle tyres provide a well-known example of an article 
with soft and flexible walls becoming hard and stiff when an excess 
pressure is set up inside it. 

The osmotic pressure in a solution increases and decreases pro¬ 
portional to the amount of the dissolved substance. It has also 
been found that solutions which contain equal numbers of molecules 
of dissolved substance per litre (equimolecular solutions) possess the 
same osmotic pressure. This law can be expressed as follows : 
Equal volumes of different solutions having the same osmotic pressure 
at the same temperature contain equal numbers of dissolved molecules . 
We thus see that Avogadro’s hypothesis also applies to solutions, 
provided that we consider the osmotic pressure in place of the 
gas pressure. In fact, there is such complete correspondence 
between gases and solutions that a solution having an osmotic 
pressure of one atmosphere contains in one litre just the same 
number of molecules as one litre of a gas at a pressure of one atmo¬ 
sphere (provided, of course, that the temperature is the same in 
both cases). 

The Nature of Osmotic Pressure. The pressure of a gas is a measure 
of the force with which the gas is attempting to expand ; in just the 
same way the osmotic pressure may be pictured as the force with which 
the dissolved substance attempts to expand, i.e to spread itself 
throughout the solvent. To visualise this, imagine an osmometer 
fitted with a movable piston, by means of which the solution in the 
osmometer can be compressed. In this osmometer the dissolved 
substance can expand by drawing in solvent through the semipormeablo 
membrane and simultaneously displacing the piston outwards. If an 
inward pressure equal to the osmotic pressure is applied to the piston, 
this will just prevent the solvent from passing in, and will thus just 
balance the tendency of the dissolved substance to expand. The 
osmotic pressure can be thus taken as a measure of the tendency of 
the dissolved substance to expand. 

The agreement between the laws which hold for gas pressure and 
those for osmotic pressure show that there is a similarity between 
the gaseous state and the dissolved state. It is believed that this is 
connected with the fact that in both cases the molecules of the substance 
are distributed over a large volume, i.e., the substance is present in a 
dilute state. 

Diffusion. If a layer of pure solvent is carefully poured on top 
of a solution, the dissolved substance will gradually migrate (or diffuse) 
up into the pure solvent, even if there is no shaking or stirring and the 
liquid remains quite undisturbed. After some months, or even days, 
the dissolved substance will be uniformly distributed through the whole 
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mass of liquid. This phenomenon is known as diffusion . It is due to 
the tendency of the dissolved substance to spread out into the solvent 
(i.e., to expand), and its driving force is equal to the osmotic pressure 
of the dissolved substance. In spite of the high values reached by the 
osmotic pressure, diffusion is a very slow process : this is due to the 
large frictional resistance experienced by the moving molecules. 

Diffusion is a natural consequence of the heat motion of the dissolved 
molecules, and osmotic pressure is caused by the impact of the dissolved 
molecules upon the semipermeable membrane, just as the pressure of 
a gas is due to the impact of the gas molecules on the walls of the 
container. 

Determination of Molecular Weights from Osmotic Pressure 
Measurements. According to Avogadro’s hypothesis the molecular 
weight of a gas can be determined by means of the equation 

M = 22-4P, 

where M is the molecular weight, and P is the weight in grams of 
one litre at 0° and one atmosphere pressure. In the same way, 
the molecular weight of a dissolved substance can be determined by 
means of the equation 

M = 22-4p, 

where p is the weight of substance in grams dissolved in one litre 
of a solution which has an osmotic pressure of 1 atmosphere at 0°. 

Example . The osmotic pressure of a solution containing 7*6 gms. 
sugar in 1 litre is found by measurement to be 0*5 atmospheres at 0°. 
Hence a solution containing 2x7-6 = 15*2 gms. sugar in 1 litre 
will have an osmotic pressure of 1 atmosphere at 0°, and the mole¬ 
cular weight of sugar must therefore he 

224 x 15-2 = 340. 

Determination of Molecular Weights from Measurements of 
Freezing Points and Boiling Points. It is difficult to carry out 
good osmotic pressure measurements, and it is usually preferable 
to employ other and easier methods for determining molecular 
weights. It has been found by experiment (and can also be deduced 
theoretically) that if solutions of different substances in a given 
solvent have the same osmotic pressure, they will also have the 
same freezing point and boiling point. Since, however, solutions 
having the same osmotic pressure are equimolecular, solutions 
having the same freezing point and boiling point will also be equi¬ 
molecular. A solution which contains one gram-molecule of dissolved 
substance in one litre of water has an osmotic pressure of 22*4 atmo¬ 
spheres at 0°, a freezing point of — 1-86°, and a boiling point of 
100*52°. No matter what substance has been dissolved, the freezing 
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point and the boiling point depend only on the number of molecules 
in the solution. 

This is, however, only true provided that the dissolved substance 
is not appreciably volatile at the boiling point of the solution, and does 
not separate out with the solvent at the freezing point. 

The lowering of freezing point produced by dissolving one gram- 
molecule of any substance in one kilogram of solvent (very nearly 
one litre in the case of water) is termed the molecular freezing point 
depression ; this has the value 1-86° for aqueous solutions. The 
rise of boiling point produced by one gram-molecule of dissolved 
substance in one kilogram of solvent is termed the molecular boiling 
point elevation ; its value for aqueous solutions is 0*52°. 


Solvent. 

Molecular freez¬ 
ing point 
depression. 

Molecular boiling 
point elevation. 

Water 

1*86° 

0-52° 

Alcohol . 

— 

1-15° 

Ether 

— 

212° 

Acetic acid 

3*9° 

2-53° 

Benzene . 

4*9° 

2-67° 


If it is wished to determine the molecular weight of a substance 
which is soluble in water, experiments are carried out to find how 
many grams must be dissolved in one kilogram of water to make 
the solution freeze at — 1*86° or boil at 100*52°. If this amount 
is found to be M grams, the molecular weight of the substance is M. 

Example . By dissolving 10 gms. of sugar in 1 kg. of water a solu¬ 
tion is obtained which freezes at — 0*0544°. Since the freezing 
point depression is proportional to the amount of dissolved sub¬ 
stance, 10 X 1*86/0*0544 = 342 gms. sugar must be dissolved in 
1 kg. to produce a freezing point of — 1*86°, and the molecular weight 
of sugar must therefore be 342. Sugar contains 42*08% carbon, 
51*43% oxygen and 6*49% hydrogen, from which it follows that a 
molecule of weight 342 must contain 144 parts of carbon, 176 parts 
of oxygen and 22 parts of hydrogen. Since an atom of carbon 
weighs 12, an atom of oxygen 16 and an atom of hydrogen 1, it is 
seen that the sugar molecule must have the formula C 12 H 22 ^n* 

The laws for the osmotic pz*essure, freezing point and boiling point 
of solutions are only strictly true for dilute solutions. There should 
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preferably be 0*1 gram-molecules or less of dissolved substance per 
kilogram of solvent. The more dilute the solutions, the more accurately 
the laws will be obeyed. 


16. THE CHEMICAL FORMULJE OF A NUMBER OF 
IMPORTANT CHEMICAL COMPOUNDS 

The following table gives the chemical formulae of a number of 
important substances :— 


Acids. Metallic hydroxides. 


Hydrogen chloride 


Sodium hydroxide . 

NaOH 

(hydrochloric acid) 

HCl 

Potassium hydroxide 

KOH 

Chloric acid . 

HC10 3 

Magnesium hydroxide 

Mg(0H) 2 

Nitric acid 

HN0 3 

Calcium hydroxide . 

Ca(OH) 2 

Sulphuric acid 

h 2 so 4 

Barium hydroxide . 

Ba(OH) 2 

Sulphurous acid 

h 2 so 3 

Zinc hydroxide 

Zn(OH) 2 

Hydrogen sulphide 


Ferrous hydroxide . 

Be(OH) 2 

(sulphuretted hydro 


Ferric hydroxide 

Fe(OH) 3 

gen) . 

h 2 s 

Lead hydroxide 

Pb(OH) 2 

Phosphoric acid 

h 3 po 4 

Cupric hydroxide 

Cu(OH) 2 

Carbonic acid . 

h 2 co 3 



Acetic acid 

hc 2 h 3 o 2 

Metallic oxides. 

Oxalic acid 

h 2 c 2 o 4 

Sodium oxide . 

Na 2 0 


Potassium oxide 

K a o 

Oxides of non-metals. 

Water . . . H 2 0 

Sulphur dioxide . S0 2 
Phosphorus pentoxide P 2 0 5 
Carbon dioxide . C0 2 

Magnesium oxide 
Calcium oxide. 

Barium oxide . 

Zinc oxide 

Aluminium oxide 

Iron oxide 

MgO 

CaO 

BaO 

ZnO 

ai 2 o 3 



(ferrous oxide) 

FeO 

Hydrides of non-metals. 

Iron oxide 


Hydrogen chloride . 

HCl 

(ferric oxide) 

Fe 2 0 3 

Water . 

h 2 o 

Lead oxide 

PbO 

Hydrogen peroxide . 

h 2 0 2 

Copper oxide 


Hydrogen sulphide . 

h 2 s 

(cuprous oxide) . 

Cu 2 0 

Ammonia 

nh 3 

Copper oxide 


Phosphine 

ph 3 

(cupric oxide) 

CuO 

Methane 

ch 4 

Manganese dioxide . 

Mn0 2 

The formulae of the 

acids and metallic hydroxides given above 


can be used to calculate the formulae of all the salts which can be 
formed from these substances by neutralisation, remembering that 
in neutralisation each hydrogen atom in the acid combines with an 
hydroxyl group from the hydroxide to give a molecule of water. 
In this way chemical equations can be written for the neutralisation 
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processes and the formulae of the salts can be derived, as in the 
following examples :— 

NaOH + HCI = NaCl + H a O 

sodium chloride 

2NaOH + H 2 S0 4 = Na 2 S0 4 + 2H 2 0 

sodium sulphate 

3NaOH + H 3 P0 4 = Na 3 P0 4 + 3H 2 0 

sodium phosphate 

Ca(OH) 2 + 2HC1 = CaCl 2 + 2H 2 0 

calcium chloride 

Ca(OH) 2 + H 2 S0 4 = CaS0 4 + 2H 2 0 

calcium sulphate 

3Ca(OH) 2 + 2H 3 P0 4 = Ca 3 (P0 4 ) 2 + 6H 2 0 

calcium phosphate 

In chemical equations of this kind, which represent the course 
of a chemical reaction, the number of atoms of each element must 
be the same on each side of the equals sign ; further, the molecular 
formulas of the substances which disappear must occur on the 
left-hand side, and the molecular formulae of the substances formed 
in the reaction on the right-hand side. Thus, in an equation which 
represents the neutralisation of acid by a metallic hydroxide, the 
right-hand side must not contain any free hydrogen or free oxygen, 
hut only the formulae of water and of the salt formed. 

The following equation is an example of the neutralisation of 
an acid by a metallic oxide :— 

CuO + H 2 S0 4 = CuS0 4 + H 2 0. 

cupric sulphate 

The two next chemical equations show the way in which acids 
are neutralised by ammonia :— 

NH 3 -j- HCI *= NH 4 C1, 

ammonium chloride 

2NH.j + HJ30 4 - (NH 4 ) 2 S0 4 . 

ammonium sulphate 

In the salts formed the group of atoms NH 4 (ammonium) plays 
the part of a metal. 

In equations of this kind the equals sign is often replaced by an 
arrow, showing the direction in which the reaction takes place. 


17. VALENCY 

According to the atomic theory we could have a number of 
different chemical compounds built up from oxygen and hydrogen 
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atoms, e.g ., HO, H0 2 , E0 4 , or H 2 0, H 2 0 2 , H 2 0 3 , H 2 0 4 , etc. 
Actually, however, only two of these many possible compounds are 
known, H 2 0 (water) and hydrogen peroxide (H 2 0 2 ). A similar 
state of affairs is found with other elements. The atoms of different 
elements can as a rule combine with one another either in a single 
atomic ratio or in quite a small number of ratios. In order to deal 
more easily with these combining ratios, a concept known as the 
valency of an atom has been introduced. 

We shall first define what is meant by the valency of a metal 
atom. The formula for the molecule of a salt of a metal can be 
derived from the formula for the corresponding acid by replacing 
the hydrogen atoms in the acid by metal atoms. Thus the formula 
for sodium sulphate, Na 2 S0 4 , is obtained from the formula for 
sulphuric acid, H 2 S0 4 , by replacing the two hydrogen atoms by 
two sodium atoms, and the formula for calcium sulphate, CaS0 4 , 
is obtained by replacing two hydrogen atoms by one calcium atom. 
The valency of a metal is equal to the number of hydrogen atoms which 
one metal atom can replace in forming a salt . It follows from the 
examples given above that the valency of the sodium atom is 1 in 
sodium sulphate, and the valency of the calcium atom is 2 in calcium 
sulphate. If the metal is able to liberate hydrogen directly from 
an acid, its valency can be determined by measuring the amount 
of hydrogen evolved from a given amount of metal. If one gram- 
atom of the metal liberates A litres of hydrogen (measured at 0° 
and one atmosphere), then the valency of the metal is A/11-2, In 
other cases the formulae of the acid and the salt must be determined, 
and the valency of the metal determined by comparing them. 

The utility of the valency concept depends upon the fact that a 
given metal is usually found to have the same valency in all its 
salts. 

Na, K, Ag, NH 4 are monovalent . 

Mg, Ca, Ba, Zn, Mn, Pb are divalent. 

A1 is trivalent . 

Some metals, however, can exert more than one valency, e.g., iron 
sometimes has a valency of two and sometimes of three. Salts in 
which iron is divalent are called ferrous salts, and salts in which it 
is trivalent are called ferric salts. Copper is monovalent in cuprous 
salts and divalent in cupric salts. Mercury is monovalent in 
mercurous salts and divalent in mercuric salts. 

Knowing the formula of the acid and the valency of the metal, 
it is possible to derive the formula of any salt by exchanging the 
hydrogen atoms in the acid for metal atoms in the ratio demanded 
by the valency, e.g., cuprous chloride is CuCl, mercuric chloride is 
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HgCl 2 , ferric chloride is FeCl 3 , aluminium sulphate A1 2 (S0 4 ) 3 . The 
valency of the metal also leads directly to the formula for the 
hydroxide of the metal, in which the number of hydroxyl groups is 
equal to the valency of the metal , e.g calcium hydroxide is Ca(OH) 2 , 
ferric hydroxide is Fe(OH) 3 . 

The valency of an acid radical is defined as the number of hydrogen 
atoms with which the radical is combined in the acid. It then follows 
from the chemical formulae of the different acids that 

Cl, 2 nT 0 3> C 2 H 3 0 2 (acetate) are monovalent, 

S, S0 3 , S0 4 , C0 3 , C 2 0 4 (oxalate) are trivalent, 

P0 4 is trivalent. 

For salts we have the important rule that the sum of the valencies 
of the metal atoms is equal to the sum of the valencies of the acid radicals. 
Thus in calcium chloride, CaCl 2 ,1 divalent calcium atom is combined 
with 2 monovalent chlorine atoms, and the sum of the valencies 
is in both cases 2. In aluminium sulphate, AI 2 (S0 4 ) 3 , 2 trivalent 
aluminium atoms are combined with 3 divalent sulphate radicals, 
and the sum of the valencies is in each case 6. 

In general , the valency of an atom (or radical) is defined as the 
number of hydrogen atoms which the atom (or radical) can combine 
with or replace . 

Valency Bonds. The nature of valency can be pictured by 
imagining that the surface of an atom contains certain active 
points which are able to exert a force on similar points on the 
surface of other atoms, and thus hold the atoms together. A 
monovalent atom will only have one such point, a divalent atom 
two, etc. In structural formulae, the atoms are depicted as being 
joined together by one or more lines drawn between their symbols, 
each line denoting that the atoms are joined together by one bond 
(i.e., one unit of valency). The following are examples of structural 
formulae :— 

Na—Cl, Ca<^ (or more shortly, Ca = Cl 2 ), Ca = S0 4 , 

Ca = P0 4 —Ca—P0 4 = Ca, A1 == P0 4 . 

In a structural formula, the number of bonds attached to each 
atom must be equal to the valency of the atom, and each bond 
must begin at one atom and end at another. 

The existence of metals with more than one valency shows 
that in certain cases some of the active points mentioned above 
can cease to function. 

The ability to exhibit several different valencies is much more 
marked in the non-metals than in the metals. However, in general 
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a given non-metal only combines with one number of hydrogen 
atoms, and this number gives the most typical valency of the 
non-metal. Thus 

In HC1 chlorine is monovalent. 

In H 2 0, H 2 S, oxygen and sulphur are divalent. 

In NH S , PH 3 , nitrogen and phosphorus are trivalent. 

In CH 4 carbon is tetravalent. 

In the case of oxides, the valency of the element combined 
with oxygen is usually calculated on the assumption that oxygen 
is divalent. Thus sulphur dioxide has the formula S0 2 ; the sulphur 
must therefore be tetravalent, since the one sulphur atom must 
join up with the four bonds from the two oxygen atoms, and the 
structural formula of the oxide is 

O = S = 0. 


In phosphorus pentoxide, P 2 0 5 , the phosphorus is pentavalent, 
for the ten bonds from the five oxygen atoms have to be divided 
between two phosphorus atoms, giving five to each. The same 
fact appears from the structural formula 



P—0—P 



% 


In aluminium oxide, A1 2 0 3 , the aluminium is trivalent, 

O = A1—0—A1 = O. 

The following fist gives a number of different types of oxides, 
the Roman figure over the symbols indicating the valency of the 
atom. 

i ii in iv v vi vii vm 

R 2 0, RO, RtjOg, R0 2 , R 2 0 5 , RO 3 , R 2 0 7 , RO 4 

Radicals. A radical is a group of atoms united by valency 
bonds which constitutes a part of a molecule. One important 
group of radicals, acid radicals, have already been mentioned. 
Another radical of frequent occurrence is the hydroxyl radical, 
which occurs in all metallic hydroxides, and has the structural 
formula 

—0—H. 

Hydroxyl is a monovalent radical. 

Another important radical is ammonium, NH 4 , which occurs in 
ammonium salts. It is a monovalent radical having the structural 
formula 

v 

—N^H 4 . 
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When oxides combine with water to give acids or hydroxides, 
one oxygen atom plus one water molecule become two hydroxyl 
groups, e.g., 

CaO 

4* 

h 2 0 = 

Ca/ 

Na x 

>0 

Na X 

+ 

h 2 0 = 

Na—OH 

Na—OH 

o 

li 

o 

II 

o 

+ 

h 2 0 = 

yOR 

0= x 

X 0H 


The carbonate radical is derived from carbonic acid by removing 
two hydrogen atoms, and has the structural formula 

yO- 

o = e< 

^O— 

The carbonate radical 

It is a divalent radical, as may be seen from the two free bonds 
in the structural formula. Another kind of radical may be derived 
from carbonic acid by removing two hydroxyl groups ; this is 
termed the carbonyl radical, and has the formula 

o = c/ 

The carbonyl radical 

Finally, the anhydride of carbonic acid is carbon dioxide, a saturated 
molecule without any free valencies, 

0 = 0 = 0 . 

Carbonic anhydride (carbon dioxide) 

As previously stated, the molecules of the non-metals usually 
contain several atoms. Their atoms are not known in the free 
state, but only joined together as molecules containing two or more 
identical atoms, the valencies of which saturate or neutralise one 
another, e.g 

Cl—Cl, 0 = 0, N ss N. 

Similarly, radicals are not usually met with in the free state, 
but only as molecules in which they have united in pairs and 
saturated each other’s valencies. Thus the free hydroxyl radical 
is a very unstable atomic grouping. No pure substance is known 
consisting of single hydroxyl groups in the free state ; on the other 
hand, the molecule of hydrogen peroxide is H 2 0 2 , and probably 
consists of two hydroxyl radicals joined together, giving 
H—O—0—H or HO—OH. 
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18. CHEMICAL CALCULATIONS 

The usefulness of chemical formulae appears very clearly in a 
number of different calculations. In the first place, the formula 
can be used to calculate the percentage composition of a substance. 

Example. Calculation of the percentage of sulphur in sulphuric 
acid. 

The formula of sulphuric acid is HgSO*. By adding up the atomic 
weights, this gives a molecular weight of 98*08. 98*08 parts of 

sulphuric acid thus contain one atom = 32*06 parts of sulphur. 
It is then only a matter of simple proportion to calculate how much 
sulphur is contained in 100 parts of sulphuric acid, the answer being 

g|> MO-32-69. 

Sulphuric acid (anhydrous) thus contains 32*69% sulphur. 

The chemical formula of a substance can also be used to calculate 
its density in the gaseous state > using the formula 


where d is the density relative to air and M the molecular weight. 
The weight of one litre of a gas at 0° and 1 atmosphere is given by 

M = 

where p is the weight in grams. The weight of one litre of gas at 
about 20° and 1 atmosphere is obtained by substituting 24 for 22*4 
in the above equation. 

The freezing point depression of an aqueous solution of a substance 
can be calculated from the equation 

w r here A is the freezing point depression, 1*86 the molecular freezing 
point depression, and p the number of grams of substance dissolved 
in 1 kg. of water. Similarly, the boiling point elevation of an aqueous 
solution of a non-volatile substance is given by the equation 


It is often an important problem to calculate how much initial 
material must be employed to obtain a given amount of a product, 
or in what proportions two substances react with one another. In 
chemical calculations of this kind there are three separate steps. 
Firstly, the correct chemical equation must be written down. Secondly, 
the molecular weights of the substances concerned must be calculated, 
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to determine the amounts of the substances which react. Finally 
the required answer is obtained by simple proportion. 

Example. Calculation of the amount of sulphuric acid necessary 
to neutralise 100 gms. of sodium hydroxide. 

The equation for the neutralisation process is 

H 2 S0 4 + 2NaOH » Na 2 S0 4 + 2H a O. 

The weight of H 2 S0 4 is 98*08, and that of 2NaOH 80*01. Hence, by 

98*08 

proportion, 100 gms. sodium hydroxide require —— x 100 = 

oO'Ol 

122-6 gms. sulphuric acid for neutralisation. 

If one of the substances taking part in the process is gaseous, 
it is usually more convenient to state its quantity in terms of 
volume instead of weight. However, this does not make chemical 
calculations any more difficult if it is remembered that one gram- 
molecule of any gas at 0° and 1 atmosphere occupies a volume of 
22-4 litres. If we let the symbols in the equation represent gram- 
molecules we can immediately write down the number of grams 
of solid and liquid substances and the number of litres of gases 
which will take part in the reaction. 

Example . How much potassium chlorate is needed to prepare 
10 litres of oxygen ? 

The chemical equation for the preparation of oxygen is 
2KC10 3 = 2KC1 + 30 2 . 

The weight of 2 gram-molecules of potassium chlorate is 
245*1 gms., and the volume of 3 gram-molecules of oxygen at 0° 
and 1 atmosphere is 3 X 22*4 = 67*2 litres. Hence, by proportion, 
10 litres of oxygen will require 

~~ x 10 = 36*5 gms. potassium chlorate. 


Example . How much zinc and sulphuric acid must be employed 
to prepare 10 litres of hydrogen ? 

The chemical equation is 

Zn + H 2 S0 4 = ZnS0 4 + H 2 . 

Hence 1 gram-atom (65*38 gms.) of zinc + 1 gram-molecule (98*08 
gms.) of sulphuric acid give 1 gram-molecule (22*4 litres) of 
hydrogen. Ten litres of hydrogen will thus need 


65*38 

22*4 


X 10 gms. zinc and 


X 10 gms. sulphuric acid. 


If the value 22*4 litres is taken for the volume of one gram- 
molecule, the volumes obtained refer to 0° and 1 atmosphere. If 
it is wished to obtain the volumes at room temperature (about 20°), 
the value 24 litres should be used instead of 22*4 litres. 
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19. THE HISTOEY OE THE ATOMIC THEORY 

The idea that matter is composed of atoms goes back to the 
ancient Greeks, but it was not until the beginning of the nineteenth 
century that Dalton placed this hypothesis on a firm basis by 
showing how the law of multiple proportions can be derived from 
the assumptions of the atomic theory. In 1811 Avogadro proposed 
his important hypothesis about the number of molecules in gaseous 
substances. About the same time Berzelius introduced the present 
system of chemical symbols, and made excellent determinations of 
the atomic weights of a number of elements in the years 1808-1818. 
These estimations have been since repeated many times with 
increasingly greater accuracy. Finally, the theory of osmotic 
pressure was developed by van’t Hoff in 1887. 



THE NON-METALS 


The non-metals are most conveniently divided into groups accord¬ 
ing to their valency. The four chief groups are as follows :— 



Valency to 
hydrogen . 

Highest 
valency to 
oxygen. 

The halogens (F, Cl, Br, I) 

i 

7 

The sulphur group (0, S) 

2 

6 

The nitrogen group (N, P, As) . 

3 

5 

The carbon group (C, Si) . 

4 

4 


The lower valency a non-metal has to hydrogen, the higher the 
valency it will exhibit towards oxygen. The sum of the valencies 
to hydrogen and oxygen is in general eight. Boron should represent 
a fifth group with valencies five and three to hydrogen and oxygen 
respectively, but so far no hydrogen compound has been discovered 
in which it is pentavalent. The gases of the argon group (the rare 
or inert gases) represent a special group with valency zero, as they 
cannot combine with hydrogen or with any other substance. Hydro¬ 
gen occupies a special position in that it is always monovalent. It 
will be described first. 


20. HYDROGEN (H = 1-0078) 


Occurrence. Hydrogen is a very widely distributed element. It 
occurs most commonly in combination with oxygen as water. It is 
found combined with carbon in natural oil, from which petrol is 
obtained, and it occurs together with carbon and oxygen in almost 
all animal and vegetable matter. Finally, it is an essential con¬ 
stituent of all acids and acid salts. 

Free hydrogen, H 2 , is a colourless gas. It is the lightest gas known. 
Its density relative to air can be calculated from the formula 
M ~ 29d, giving 


d = 


2 X 1-0078 


0-0695. 


29 


a 
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On account of its small molecular weight, hydrogen diffuses very 
readily. Thus it can even pass slowly through the walls of a rubber 
tube. It can be condensed to a liquid, but only at very low tempera¬ 
tures, as its critical temperature is far below room temperature. 
Under a pressure of one atmosphere its boiling point is —252° 0. 
(~ 21° Absolute). It is only slightly soluble in water, and can there¬ 
fore be collected over water. 

Chemical Properties. When ignited, hydrogen burns with a 
faintly luminous flame, giving water (vapour), 

2H 2 + 0 2 = 2H 2 0. 

The chemical equation shows that two volumes of hydrogen 
combine with one volume of oxygen to give two volumes of water, 
all measured at the same pressure and temperature. 

A considerable amount of heat is developed in the process. 
Ohemical processes which take place spontaneously are usually 
accompanied by the evolution of heat, and in this case a very large 
amount of heat is developed, and the hydrogen flame is therefore 
very hot. A mixture of hydrogen and oxygen, preferably in the 
volume ratio 2:1, explodes violently on ignition, since although 
the water vapour formed contains fewer molecules than the original 
mixture, on account of its high temperature it exerts a pressure 
many times as great as the original pressure. 

Hydrogen has so great a tendency to combine with oxygen that 
it is able on heating to remove the oxygen from most metallic oxides, 
liberating the metal, e.g., 

CuO + H 2 = Cu + H 2 0. 

This process is called reduction , and hydrogen is said to be a 
reducing agent. 

About 50% of ordinary illuminating gas consists of free hydrogen. 

Hydrogen is prepared in the laboratory from zinc and dilute 
sulphuric acid, 

H 2 S0 4 + Zn -> H 2 + ZnS0 4 . 

(The arrow in this equation indicates the direction of the reaction, 
and is often used instead of an equals sign.) 

If the zinc and sulphuric acid are very pure they react very 
slowly. The process can be accelerated by adding a little copper 
sulphate, which causes copper to be deposited on the zinc and facili¬ 
tates the evolution of hydrogen. On a commercial scale hydrogen 
is prepared very cheaply by passing water vapour through tall 
furnaces filled with red-hot coke (carbon) or iron. These substances 
remove the oxygen from the water molecules and liberate the 
hydrogen. 
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H 2 0 + C = H 2 + CO (carbon monoxide) 

2H 2 0 + C = 2H 2 + CO 2 (carbon dioxide) 

H 2 0 + Fe = H 2 -f FeO (ferrous oxide) 

4H 2 0 + 3Fe = 4H 2 + Fe 3 0 4 (ferroso-ferric oxide) 

A mixture of hydrogen and carbon monoxide prepared in this 
way is used as a gaseous fuel under the name of water-gas. Hydrogen 
is prepared from mixtures in which the carbon has been mostly 
converted to carbon dioxide, and the gaseous oxides of carbon are 
removed by special methods. If iron is used, pure hydrogen can 
be obtained directly by condensing out the undecomposed water, 
since the iron oxides formed are not volatile. On the other hand 
there is the disadvantage that for economic reasons it is necessary 
to regenerate the iron, which is usually done by passing water-gas 
over the iron oxide while the latter is still red hot. 

Very pure hydrogen is obtained by electrolysis, and is obtained 
as a by-product in the electrolysis of alkali chloride solutions (see 
under sodium). 

On account of its lightness, hydrogen is used for filling balloons. 
It is also used for producing very low temperatures : by cooling in 
liquid hydrogen a temperature of —252° C. (the boiling point of 
hydrogen) is obtained. Large amounts of hydrogen are used 
industrially for hardening liquid fats, and for preparing ammonia 
for the manufacture of artificial fertilisers. 

THE OXIDES OF HYDROGEN 

Two oxides of hydrogen are known, water, H 2 G, and hydrogen 
peroxide, H 2 0 2 . 

Water, H 2 0, is a colourless liquid which freezes at 0° and boils 
at 100° under a pressure of one atmosphere. At 4° its density is 
exactly 1 (1 c.c. weighs 1 gm.). 

Even at ordinary temperature water has an appreciable vapour 
pressure, and air which has been in contact with water therefore 
contains water vapour. If the air is saturated with water vapour, 
the partial pressure of the water vapour in the air must be equal 
to the vapour pressure of water. At 18° this is 15*4 mm., and since 
the total pressure is 760 mm., air saturated with water vapour at 
18° contains 
15*4 

. 100 = ea. 2% water vapour (by volume). 

The atmosphere on the earth's surface is on an average about 
§ saturated with water vapour, but its degree of saturation under¬ 
goes large variations. 

Water is a very stable chemical compound. It is only decomposed 
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to a small extent by beating to white heat. Sodium and other light 
metals can however react with it even at room temperature, remov¬ 
ing hydroxyl and liberating hydrogen, 

2Na + 2H 2 0 = H 2 + 2NaOH. 

Many other substances, e.g carbon and iron, can combine with the 
oxygen of water at red heat, liberating hydrogen. 

It seems reasonable to consider water as an acid, on account 
of its ability to exchange its hydrogen for a metal. Actually, 
according to the exact definition of an acid (which will be given 
later), water is an acid , although an extremely weak one. If we 
consider water as an acid, then the metallic hydroxides and oxides 
are the salts of this acid. 

Occurrence . Natural water always contains impurities. Sea 
water thus contains up to 3-5% dissolved salts, of which about 
f is sodium chloride, and the remainder salts of magnesium, 
potassium and calcium. Fresh water almost always contains calcium 
salts, and is called hard or soft according to the quantity it contains. 
The degree of hardness is expressed as grams lime (CaO) per 100 
litres water. The water of fresh-water lakes usually has a hardness 
of less than 10, and is soft. English spring water, on the other 
hand, usually has a hardness of 25-50, and is hard. Mineral waters 
are spring waters which contain special substances in large quan¬ 
tities, e.g., carbon dioxide, alkali salts, magnesium salts, iron salts 
or hydrogen sulphide. Rain water is the purest natural water, and 
is completely soft. 

Purification for Town Use . The water used is preferably taken 
from deep wells or from mountain lakes, and is passed through large 
filters of sand or gravel which remove suspended particles, including 
bacteria. This purification is especially necessary when (as in the 
case of London) a town is forced to use river water. London drinking 
water has a hardness of about 15. Distilled water is freed from non¬ 
volatile impurities by distillation, but usually contains a little 
carbon dioxide and traces of ammonia. It is used in the laboratory 
and medicinally. 

Aqueous Solutions. Water possesses in a very high degree the 
power of dissolving other substances, especially salts, and is the 
most widely used solvent. Many of the properties of water are 
changed in a regular way by dissolved substances. Thus for every 
gram-molecule dissolved in one kilogram (or one litre) the freezing 
point is lowered about 1*86° and the boiling point raised about 
0*52°. Dissolved substances also lower the vapour pressure of water 
(about 2% for each gram-molecule per litre). 

If the vapour pressure of the saturated solution of a substance 
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is less than the partial pressure of water vapour in the air, the 
substance will absorb water on standing in the air and will gradually 
liquefy to a solution. This process is known as deliquescence. The 
lower the vapour pressure of the saturated solution of the sub¬ 
stance, the more deliquescent the substance will be. Only very 
soluble substances {e.g., calcium chloride, calcium nitrate, potas¬ 
sium carbonate) can lower the vapour pressure of water so much 
that they can deliquesce in an atmosphere containing the normal 
amount of moisture. Such deliquescent substances should not be 
kept in bags or sacks. 

Hydrates. Water can enter into chemical combination with many 
substances. The compounds thus formed are often termed hydrates, 
especially when there is reason to believe that the atoms of the 
water molecule have not been separated and constitute a sub-unit 
in the molecule of the compound. Thus many salts crystallise 
from aqueous solution with so-called water of crystallisation {e.g., 
Na 2 S0 4 .10H 2 O, Na 2 C0 3 .10H 2 O, CaCl 2 .6H 2 0, 0afiO 4 .2H s O 
(gypsum), ZnS0 4 .7H 2 0). The firmness with which water of 
crystallisation is held can vary very much. Sodium sulj>hate and 
sodium carbonate lose their water merely on standing in ordinary 
dry air. The crystals crumble into a dry powder, or lose their 
transparent appearance and become brittle : this phenomenon is 
known as efflorescence. Other salts give off their water of crystallisa¬ 
tion on gentle warming, e.g., gypsum at a little over 100°. Yet 
others, e.g., calcium chloride, must be heated to a temperature of 
several hundred degrees in order to dehydrate them. ‘Dehydrated 
calcium chloride very readily reabsorbs water at ordinary tempera¬ 
tures, especially the first molecule. It is therefore much used as a 
drying agent. 

Oxy-acids [i.e., acids which contain oxygen) can be considered 
formally as the hydrates of non-metallic oxides, e.g., 

P 2 0 5 + 3H 2 0 - 2H 3 P0 4 . 

In general, however, these acids are not described as hydrates, 
since the water molecules are certainly not present as such irx the 
acid molecules. For example, phosphoric acid is considered to 
have the following structural formula, 

(HO) s s p = o. 

Similarly, the metallic hydroxides are not now described as 
hydrates. Calcium hydroxide is not written as a hydrate of calcium 
oxide, CaO . H 2 0, but as a hydroxyl compound of calcium, Ca(OH) 2 . 

Different oxides show very different tendencies to combine with 
water. Phosphorus pentoxide is one of the most powerful drying 
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agents known, while carbon dioxide exerts so little attraction for 
water that carbonic acid is largely dissociated into water and 
carbon dioxide even in aqueous solution. 

Many substances are hydrated when they dissolve in water, and 
in such cases solution is not a simple physical process. It can 
generally be assumed that substances which evolve heat when 
dissolved in water (e.g. } sulphuric acid, potassium hydroxide, 
calcium chloride) are hydrated, since under normal conditions heat 
is absorbed when solid substances dissolve in water, just as when 
they melt. The solution obtained in such cases is thus actually a 
solution of the hydrates formed, and not a solution of the original 
substance. It is sometimes possible to prove the formation of 
hydrates by evaporating off the water and showing that the residue 
consists of a hydrate of the original substance. In many cases, 
however, the hydrates are so unstable that they are decomposed 
on evaporation, and their existence can only be established by 
indirect means. The use of sulphuric acid and potassium hydroxide 
as drying agents is due to their great tendency to form hydrates in 
solution. 

Most substances condense a thin layer of water on their surfaces 
(at most a few molecules thick) when exposed to the atmosphere, 
even when the latter is not saturated with water vapour. This 
happens to a considerable extent with glass objects. The pheno¬ 
menon is especially marked with porous substances having a large 
surface, e.g., peat. Water which is held in this way is often described 
as hygroscopic moisture . 

Drying 

If a substance is to be freed from water it is usual first to let the 
water drain oft, or to remove as much as possible by pressing or 
centrifuging. The rest of the visible water can then be removed 
by air drying (as, e.g., with hay, grain, peat, laundry). The same 
simple method is often used in the laboratory for drying crystals 
which are wet with mother liquor after filtering. If the substance 
is deliquescent, hygroscopic, or contains chemically combined 
water, it may be dried more effectively by heating. The amount 
of dry matter in organic products (e.g., foodstuffs) is usually deter¬ 
mined by heating a weighed amount of the substance in a drying 
oven to about 100°. If the substance is decomposed by heating for 
some time to 100°, it can be dried by means of drying agents. Thus 
gases can be dried by passing them through U-tubes containing 
calcium chloride, phosphorus pentoxide, quick lime or potassium 
hydroxide, or by passing through wash-bottles containing concen¬ 
trated sulphuric acid. Solids and liquids can be dried in desiccators , 
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i.e.y closed vessels containing drying agent. If the desiccator is 
evacuated the drying takes place more rapidly. 

Hydrogen peroxide, H 2 0 2 , is a colourless liquid which is somewhat 
more dense and less volatile than water. It is miscible with water, 
and is usually sold as a 3% solution for disinfecting. Perhydrol is a 
30% solution. Experiment shows that a solution of 34 gms. hydro¬ 
gen peroxide in 1 kg. of water freezes at — T86°. The molecular 
formula must therefore be H 2 0 2 (== 34) and not HO ( = 17), Its 
structural formula is assumed to he 

H—O—O—H. 

Hydrogen peroxide is unstable , being easily decomposed into 
oxygen and water, according to the equation 

2H 2 0 2 —»• 2H s O + 0 2 . 

A pure aqueous solution is fairly stable at ordinary temperatures, 
but the decomposition is accelerated by heat and by the presence 
of many impurities. 

For example, the oxides of manganese and iron accelerate the decom¬ 
position greatly, while glass has a smaller effect. Blood, milk, saliva, 
matter from wounds and other body fluids contain organic substances 
(catalases) which accelerate decomposition. Other organic substances 
(e.g. 9 uric acid) have a protective effect even in extremely low concen¬ 
trations. This fact is made use of for stabilising trade preparations of 
hydrogen peroxide. 

On account of the ease with which hydrogen peroxide gives up 
oxygen it is a powerful oxidising agent , and therefore acts as a 
disinfectant and bleaching agent. It is used for cleaning teeth and 
wounds, and for bleaching laundry and hair. 

Hydrogen peroxide is detected by the development of a yellow 
colour with a solution of titanic acid in sulphuric acid. 

It is prepared by treating sodium peroxide with sulphuric acid 
and distilling off the hydrogen peroxide in vacuo , 

Na 2 0 2 + H 2 S0 4 = Na 2 S0 4 + H 2 0 2 , 

or by treating barium peroxide with dilute sulphuric acid and 
filtering off the precipitated barium sulphate, 

Ba0 2 + H 2 S0 4 = BaS0 4 + H 2 0 2 . 

Peroxides. Hydrogen peroxide behaves as a weak acid and its 
salts are called peroxides. As in hydrogen peroxide, it is assumed 
that the metallic peroxides contain two oxygen atoms linked to¬ 
gether, eg.. 
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CHEMICAL CHANGE, I 

Velocity and Equilibrium in the Formation oe Water 

In order to obtain a closer understanding of chemical principles 
it is very important not only to know the properties and composi¬ 
tion of different substances, but also to be acquainted with the 
laws which govern the course of chemical change. We shall there¬ 
fore go on to consider in more detail the course of the reaction in 
which water is formed from oxygen and hydrogen. 

Reaction Velocity in the Formation of Water. If oxygen and 
hydrogen are mixed at ordinary temperatures, no water is formed, 
but if a single point in the mixture is heated to about 700°, water 
is formed explosively throughout the whole mixture. This fact is 
expressed by saying that the ignition temperature of the mixture is 
about 700°. It must not however be thought that hydrogen and 
oxygen are unable to combine at temperatures below the ignition 
temperature, and that the power of forming water suddenly appears 
at this temperature. Slow formation of water can be detected as 
much as 100° below the ignition temperature, and the higher the 
temperature the more rapidly will the process take place, i.e. } the 
greater the reaction velocity. Heat is evolved in the formation of 
water, and a mixture in which water is being formed will therefore 
be hotter than its surroundings. At the ignition temperature 
water is formed so rapidly that heat is evolved too quickly to be 
dispersed into the surroundings. Under these circumstances the 
mixture gets hotter and hotter, and the formation of water faster 
and faster. The whole of the mixture is converted into water in a 
fraction of a second, and the change therefore assumes the character 
of an explosion . It is only necessary to apply heat at a single point 
in the mixture, as the formation of water at this point develops 
so much heat that the surrounding layers of gas are heated far 
above the ignition temperature. 

A mixture of hydrogen and oxygen can be made to react at 
ordinary temperatures by bringing some porous platinum (spongy 
platinum) into contact with the mixture. Water is formed on the 
surface of the platinum, and if the platinum is sufficiently finely 
divided, the heat developed is sufficient to ignite the mixture. This 
phenomenon is made use of in Dobereiner*s lighter , in which a jet 
of hydrogen is ignited by impinging on a piece of spongy platinum. 

The Position of the Equilibrium. If hydrogen is burnt in an 
excess of air, the combustion appears to be complete, as it is not 
possible to detect free hydrogen in the products of combustion. 
Similarly, if a mixture of one volume of oxygen and two volumes 
of hydrogen is ignited, the two gases combine practically completely 
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to give water. Under these circumstances the formation of water 
is a process which goes to completion . However, if the products of 
combustion are investigated while they are still at the high combus¬ 
tion temperature, both free oxygen and/ree hydrogen can be detected. 
It is not until the gases become cooler that the reaction goes further 
and becomes complete. If the gas is cooled very rapidly, the forma¬ 
tion of water does not have time to go to completion, and the water 
formed contains detectable quantities of free hydrogen and oxygen. 

Since the formation of water is incomplete at high temperatures, 
it seems reasonable to expect that water vapour will be slightly 
decomposed into hydrogen and oxygen on heating to white heat. 
It can be shown that such a decomposition actually does take 
place. Thus if water vapour is passed over a platinum wire kept 
at white heat by an electric current, on condensing it is found that 
there is a small residue of gas consisting of hydrogen and oxygen 
in the volume ratio 2:1. This can only be formed by the decom¬ 
position of some of the water on the surface of the glowing platinum. 
When a substance decomposes to give products which can recom¬ 
bine to form the original substance, the process is called dissociation. 
The degree of dissociation is the fraction of the original substance 
present in the form of its decomposition products. It has been 
shown experimentally that the degree of dissociation of water 
vapour at a pressure of one atmosphere increases with temperature 
in the following way :— 


Temperature 
Degree of dissociation 


1,000° 

1,500° 

2,000° 

2,500° 

0-003% 

0-1% 

2% 

10% 


Below about 1,000° the dissociation of water vapour is vanishingly 
small. 

The formation of water from hydrogen and oxygen is represented 
by the equation 

2H 2 + 0 2 - 2H 2 Q, 

and the dissociation of water at high temperatures constitutes the 
same process taking place in the reverse direction. This is expressed 
by writing 

2H 2 + 0 2 ^2H 2 0, 

where the two arrows indicate that the change can take place 
either from right to left or from left to right. A process of this 
kind which can take place in both a forward and a reverse direction 
is called a reversible process. 
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To illustrate more clearly the characteristics of such a reversible 
process, we may consider in a little more detail the behaviour of 
water vapour at a fixed temperature, e.g ., 2,000°. If water vapour 
is heated to 2,000°, the above table shows that a mixture of 98% 
water vapour and 2% hydrogen + oxygen will be formed. If 
hydrogen and oxygen (in the volume ratio 2 : 1) are heated together 
to the same temperature, exactly the same mixture will be obtained. 
This mixture is the only mixture of water vapour and its decom¬ 
position products which is stable at 2,000° and 1 atmosphere, and 
all other mixtures will undergo reaction until they reach this 
composition. Such a mixture is said to be in chemical equilibrium. 

The process 2H 2 + 0 2 = 2H 2 0 can thus proceed in either 
direction at 2,000°, the actual direction in any given case being 
determined by the relative amounts of water vapour and its decom¬ 
position products in the mixture. The process will always take 
place in such a direction as to bring the composition of the mixture 
nearer to 98% water vapour {the equilibrium mixture). 

The composition of the equilibrium mixture depends on the 
temperature; the higher the temperature, the more the water 
vapour will be dissociated, and the more hydrogen and oxygen will 
be present in the equilibrium mixture. Below about 1,000° the 
equilibrium mixture contains so little free hydrogen and oxygen 
that they cannot be detected by ordinary chemical means, and the 
formation of water below 1,000° thus appears to be an irreversible 
process. 

Just as in the formation of water, for chemical reactions in general 
we must distinguish between 

(1) The final state to which the reaction leads ( i.e ., the composi¬ 
tion of the equilibrium mixture, and 

(2) The time necessary to reach the final state {i.e., the reaction 
'Velocity). 

Affinity 

If two substances are able to combine chemically, they are said 
to have affinity for each other. The forces which hold the atoms 
together in molecules are known as forces of affinity, or chemical 
forces. (These forces are now believed to be electrical in nature.) 
The affinity of two substances for one another is measured by the 
stability of the compound formed between them. The more the 
compound is dissociated in the equilibrium mixture (or the higher 
the temperature necessary to produce a measurable dissociation), 
the greater is the affinity between the substances. 

It is not in general correct to employ the velocity with which 
two substances combine as a measure of their affinity for each 
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other. Thus the velocity with which hydrogen and oxygen combine 
to form water increases with increasing temperature, while the posi¬ 
tion of equilibrium shows clearly that the affinity between them 
decreases with increasing temperature. 

THE HALOGENS 

The halogen group comprises fluorine, chlorine, bromine and 
iodine. These four non-metals are very similar chemically, i.e., 
they form compounds with other elements having analogous 
formulae and similar properties. By collecting into groups those 
elements which resemble one another chemically, it is easier to 
survey the chemical compounds of the many different elements. 

The following properties are especially characteristic of the halo¬ 
gens. They exhibit a valency of one towards hydrogen and the 
metals, while with oxygen they show varying valencies up to 
seven ; further, their compounds with the metals are typical salts. 
This last property has given the group the name halogens, which 
means “ salt-formers.” 

21. CHLORINE (Cl = 35*457) 

Occurrence. The element chlorine is widely distributed over 
the surface of the earth, though not in very large quantities. It 
occurs chiefly in the form of sodium chloride, which is found in 
sea, water and salt springs , and as rock salt in the earth. Sodium 
chloride is the starting point for the preparation of most other 
chlorine compounds. 

Free chlorine, Cl 2 , is a yellowish-green gas with an extremely 
unpleasant smell. It is dangerous to inhale, as it attacks the 
membranes of the respiratory organs. Its density (2*45) corre¬ 
sponds to the molecule Cl 2 . Chlorine can easily be liquefied by 
compression, giving a yellow liquid, and it is transported in this 
form in strong iron cylinders. At ordinary temperatures water 
will dissolve about three times its volume of chlorine gas, forming 
a yellowish-green solution called chlorine water . 

Chlorine is prepared by warming pyrolusite (manganese dioxide) 
with hydrochloric acid, which gives a rapid stream of chlorine and 
leaves behind manganous chloride. 

Mn0 2 + 4HC1 = MnCl 2 +• 2H 2 0 + Ci 2 . 

By passing the chlorine through a wash-bottle containing a little 
water it can be freed from the traces of hydrochloric acid carried 
over. In the above reaction one of the oxygen atoms in the man¬ 
ganese dioxide (the “ active ” oxygen) oxidises two molecules 
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of hydrogen chloride to chlorine and water, while the manganous 
oxide (MnO) left reacts with two further molecules of hydrogen 
chloride to give manganous chloride and water. 

Hydrochloric acid can also be oxidised to chlorine by other 
powerful oxidising agents. Each atom of active oxygen in the 
oxidising agent liberates two atoms of chlorine, according to the 
equation 

2HC1 + 0 - H 2 0 + Cl 2 . 

On a commercial scale, chlorine is now chiefly prepared by the 
electrolysis of sodium chloride dissolved in water. 

Chemical Properties. Chlorine is a very active substance , which 
at ordinary temperatures or on slight warming combines with most 
elements forming chlorides. If ignited, hydrogen will burn in 
chlorine, forming gaseous hydrogen chloride, 

H 2 + Cl 2 = 2HC1. 

A mixture of hydrogen and chlorine in equal volumes explodes 
not only on ignition, but also when exposed to a bright light. 
Phosphorus burns in chlorine to give a colourless liquid, phosphorus 
trichloride, 

2P + 3C1 2 = 2PC1 3 , 

which with more chlorine gives phosphorus pentachloride, a yellow 
volatile solid. 

PC1 3 + Cl 2 - PC1 5 . 

Iron bums in chlorine, giving ferric chloride, a brown, slightly 
volatile solid. 

2Fe -f 3C1 2 = 2FeCl 3 . 

Chlorine does not combine directly with oxygen and nitrogen. 
Compounds of these elements with chlorine can be prepared in* 
directly, but they are so unstable that they readily decompose 
with explosion. 

In presence of water chlorine often acts as an oxidising agent, 
according to the equation 

Cl 2 + H 2 0 = 2HC1 + 0. 

For example, sulphurous acid is oxidised to sulphuric acid by 
chlorine, 

Cl 2 + H 2 0 + H 2 S0 3 = 2HC1 + H 2 S0 4 . 

Chlorine is much less active in a completely dry state than when 
moist, e.g ., it will not attack iron, which is why liquid chlorine can be 
stored in iron cylinders. 

Compounds of chlorine with metals are usually salt-like, solid 
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substances (salts of hydrochloric acid), while the chlorine confounds 
of the non-metals are usually liquids , which are decomposed by 
water, giving hydrogen chloride and an acid containing oxygen. 
Thus phosphorus pentachloride reacts with water with loud hissing, 
giving phosphoric add and hydrogen chloride, 

PCI, 4H 2 0 = H 3 P0 4 5HCL 

A process of this kind, in which a substance is decomposed by the 
action of water, is termed an hydrolysis. 

THE HYDROGEN COMPOUND OF CHLORINE 

Hydrogen chloride, HC1, is a colourless gas with an unpleasant 
sharp smell. Like water, it is a very stable compound. Hydrogen 
chloride is prepared by heating sodium chloride with sulphuric acid, 
2NaCl + H 2 S0 4 = 2HG1 + Na 2 S0 4 . 

If the mixture is not heated strongly, only one of the hydrogen 
atoms in the sulphuric acid molecule will combine with chlorine 
to give hydrogen chloride, and the process takes place according to 
the equation 

NaCl + H 2 S0 4 = HC1 + NaHS0 4 . 

sodium hydrogen sulphate 

The process does not go further even if two molecules of salt are 
taken for each molecule of sulphuric acid. On stronger heating, 
however, a further reaction takes place :— 

NaCl + NaHS0 4 = HC1 + Na 2 S0 4 . 

The net reaction, expressed in the first equation, is obtained by 
summing the two partial reactions expressed in the last two equa¬ 
tions. 

Hydrochloric Acid. Hydrogen chloride dissolves extremely 
readily in water, with the evolution of a considerable amount of 
heat, giving a clear, colourless liquid with an acid reaction, commonly 
known as hydrochloric acid. Water saturated with hydrogen 
chloride at ordinary temperatures contains about 42% of hydrogen 
chloride (42 g. HC1 + 58 g. H 2 0), and fumes strongly in the air, the 
hydrogen chloride given off reuniting with the atmospheric moisture 
to give small drops of hydrochloric acid {fuming hydrochloric acid). 
The pure commercial product usually contains about 38% HC1, and 
crude hydrochloric acid, which is coloured yellow by impurities, is a 
few per cent, weaker. The strength of a sample of hydrochloric acid 
can be determined by measuring its density . The stronger the acid, 
the higher will be its density. The density of an acid containing x% 

HC1 is very nearly 1 4—~. 

J 200 
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It is not possible to expel all the dissolved hydrogen chloride from 
hydrochloric acid by boiling. This fact is connected with the 
behaviour of hydrochloric acid on distillation , depicted in Fig. 4, 
which shows how the boiling point of the acid varies with its 
concentration. 

A concentration scale is set out along the lower horizontal line 
(the abscissa axis), and the distance from this axis up to the curve 
gives the boiling point of acid of any given concentration. The 
boiling point is read oh on the temperature scale on the left-hand 
vertical line (the ordinate axis). The curve shows that hydro¬ 
chloric acid containing 20% hydrogen chloride has a higher boiling 
point (110°) than both stronger and weaker acids. When a mixture 
is distilled the temperature usually rises, and in any case it will 
never fall. Therefore when hydrochloric acid is distilled, the 
composition of the acid remaining in the 
flask must lie nearer 20% than that of 
the original acid, i.e., the dilute acids 
will become more concentrated and the 
concentrated acids more dilute. An 
acid containing 20% HC1 must distil 700 t\ 
over unchanged, since if on distillation 
it became either more concentrated or $(f\ 
less concentrated, the boiling point would 

fall, which is an impossibility. ^ 

The evolution of large quantities of 
heat when hydrogen chloride dissolves in Fig. 4.—Boiling point 
water points to considerable hydrate acid 6 f ° r hydrocllloric 

formation in this process, and makes it 

probable that hydrochloric acid is a solution of a hydrate of 
hydrogen chloride in water. If a hydrate is formed, it is easy to 
understand why hydrogen chloride cannot be boiled out of its 
aqueous solution as other gases can. 

Hydrochloric acid is a strong acid. With zinc, hydrogen is 
rapidly evolved, 

Zn + 2HC1 = H 2 + ZnCl a , 

and it is a good solvent for carbonates and phosphates which are 
insoluble in water, e.g ., 

CaC0 3 + 2HC1 = CaCl 2 + H 2 0 + C0 2 
Ca 3 (P0 4 ) 2 + 6HC1 = 3CaCl 2 + 2H 3 P0 4 

It reacts even with very weak bases. 

Hydrochloric acid is used for cleaning. Thus plasterers use it 
for removing lime from walls, and it is also used domestically as 
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a cleaning agent. In using it it should always be remembered that 
it is strongly corrosive and poisonous , and that it must not be put 
into vessels of iron or zinc, as it dissolves them. 

Chlorides. The salts of hydrochloric acid, the chlorides, are as 
a rule soluble in water. Exceptions to this rule are silver chloride , 
cuprous chloride and mercurous chloride , which are insoluble in water, 
and lead chloride , which is sparingly soluble in cold water. Hydro¬ 
chloric acid and chlorides therefore give a precipitate with solutions 
of silver, cuprous and mercurous salts, and with not too dilute 
solutions of lead salts. 

Detection of Chlorine present as Chloride. When silver nitrate is 
added to hydrochloric acid the insoluble silver chloride is precipi¬ 
tated as a white solid. The liquid becomes momentarily milky, and 
the silver chloride then separates out as a precipitate resembling 
curdled milk. 

H . Cl + Ag . N0 3 = Ag . 01 + H . N0 3 . 

The silver chloride is formed by double decomposition. This term is 
used to describe a reaction between an acid and a salt or between 
two salts in which hydrogen and a metal or two metals change 
place without any alteration in the acid radicals. In this connection 
it should be remembered that metallic hydroxides are salts of water. 
If double decomposition between the salts and acids present can 
give rise to a substance which is insoluble under the conditions of 
experiment, this substance will always be precipitated. As will 
be seen later, this law is explained very simply by the ionic theory. 
Since every salt containing chlorine as chloride can give silver 
chloride by double decomposition with silver nitrate, this reagent will 
give a precipitate not only with hydrochloric acid, but also with all 
its salts. Phosphoric and carbonic acids also form silver salts which 
are insoluble in water, but unlike silver chloride, these salts are 
soluble in nitric acid. Silver nitrate can therefore be used for 
detecting the chloride radical in presence of both phosphates and 
carbonates, provided that the solution is first acidified with nitric 
acid. 

THE OXY-COMPOUNDS OF CHLORINE 

In addition to hydrochloric acid, chlorine forms a number of 
acids which differ from hydrogen chloride in that they contain 
oxygen. The table on p. 59 gives the names and formulas of 
these acids and their salts ;— 

Nomenclature of Acids and Salts. The names of these acids and 
salts conform to certain rules, which also apply in other cases. An 
-ous acid contains less oxygen than the corresponding ~ic acid, and 
the names of the corresponding salts end in -ite and - ate respec- 
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Formula. 

Name . 

Name of salts. 

HCl 

Hydrogen chloride- 

Chlorides 


(hydrochloric acid) 


HCIO . 

Hypochlorous acid 

Hypochlorites 

HC10 2 . 

Chlorous acid 

Chlorites 

HC10 3 . 

Chloric acid 

Chlorates 

HC10 4 . 

Perchloric acid 

Perchlorates 


tively. Similarly, the addition of the prefix per- to the name of 
an acid or a salt indicates an increase in the oxygen content, and the 
prefix hypo- a decrease. The names of the salts of oxygen-free acids 
usually end in - ide. 

Chlorous acid and its salts are not of much interest, and will not 
be described here. The other compounds are dealt with below. 

Hypochlorous acid, HC10, is known only in aqueous solution. 
This solution can be distilled and has a characteristic unpleasant 
smell. Hypochlorous acid is a very weak acid, and is liberated 
from its salts even by such a weak acid as carbon dioxide. On 
account of the ease with which it gives up its oxygen, it is a very 
strong oxidising agent . In chlorine water a part of the chlorine has 
reacted with the water according to the equation 
Cl 2 + H 2 0 = HC1 + HCIO, 

giving hydrochloric and hypochlorous acids. Chlorine is thus 
partly hydrolysed in aqueous solution. This hydrolysis is reversible, 
since hydrochloric and hypochlorous acids also react together, 
forming chlorine and water. Both these processes lead to the same 
equilibrium mixture of chlorine and its hydrolysis products, inde¬ 
pendent of whether one starts with chlorine and water, or with 
hydrochloric and hypochlorous acids. In saturated chlorine water 
about 30% of the chlorine is hydrolysed. The oxidising power of 
chlorine water can be attributed to the hypochlorous acid it contains. 

Hypochlorites. The salts of hypochlorous acid are termed 
hypochlorites. They are readily soluble in water and have oxidising 
properties, though to a less extent than hypochlorous acid. They 
are unstable substances, and on keeping they are either transformed 
to mixtures of chlorides and chlorates, e.g 

3NaC10 -> 2NaCl + NaC10 3 , 
or they lose oxygen, 

2NaC10 -> 2NaCl + 0 2 . 

The action of chlorine on metallic hydroxides gives mixtures of 
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hypochlorites and chlorides, which are used for many purposes. 
Thus:— 

Sodium hypochlorite is prepared by passing chlorine into a cold 
dilute solution of sodium hydroxide (caustic soda). Sodium chloride 
is also formed, according to the equation 

2NaOH + 01* - NaCIO + NaCl + H 2 0. 

It is easy to understand how this process takes place : the hypo- 
chlorous and hydrochloric acids formed by the hydrolysis of the 
chlorine are neutralised by the sodium hydroxide, and since the 
products of hydrolysis are thus removed, hydrolysis continues 
until all the chlorine is used up. The solution thus obtained (con¬ 
taining both sodium hypochlorite and sodium chloride) is used 
directly as a disinfectant. 

Chloride of lime is of still greater commercial importance. It is 
a white powdery solid prepared by the action of chlorine on solid 
calcium hydroxide (slaked lime), 

2Ca(OH) 2 + 2C1 2 = Ca(0Cl) 2 + Cad* + 2H,0. 

Chloride of lime has a characteristic unpleasant smell due to the 
liberation of hypochlorous acid by the atmospheric carbon dioxide. 
With an excess of hydrochloric acid chlorine is immediately evolved; 
the hydrochloric acid liberates hypochlorous acid, which immediately 
reacts with more hydrochloric acid to give chlorine and water. 

Ca(OCl) 2 + 4HC1 —> CaCl 2 + 2C1 2 + 2H 2 0. 

Chloride of lime and sodium hypochlorite are used for disinfecting 
and for bleaching vegetable fabrics (cotton, linen, paper). A 
dilute solution of calcium or sodium hypochlorite is used for 
removing stains from washing. Wool and silk must not be treated 
with hypochlorites, and even cotton and hemp are attacked and 
become brittle if treated for too long. For this reason the bleaching 
solution must be removed after use by thorough rinsing with water. 
Sometimes the last traces of “ chlorine ” are removed with “ anti- 
chlor,” i.e. } sodium thiosulphate. If kept for long periods, chloride 
of lime and hypochlorites lose their power, as the hypochlorites 
either decompose to a mixture of chlorides and chlorates, or give 
off oxygen gas. 

Chlorates are salts of the unstable chloric acid , HC10 3 . If a 
solution of a hypochlorite is warmed, the hypochlorite is rapidly 
converted into a more stable mixture of chloride and chlorate. 
This change takes place especially rapidly in presence of free 
chlorine. If therefore an excess of chlorine is passed into a hot 
solution of potassium hydroxide, the hypochlorite initially formed 
is converted into chlorate, and the result is a mixture of potassium 
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chloride and potassium chlorate. The equation for the total process 
is :— 

6 KOH + 3C1 2 = KC10 3 + 5KC1 + 3H 2 0. 

On cooling, the potassium chlorate separates out, as it is 
sparingly soluble in cold water. It is obtained in a pure state by 
filtering off, recrystallising and drying. 

Potassium chlorate gives off oxygen on heating, and is used 
mixed with a little manganese dioxide for preparing oxygen, 

2 KCIO 3 —> 2KC1 + 30 2 . 

Mixtures of potassium chlorate with inflammable substances (such 
as sulphur and sulphides) are extremely explosive, and are used in 
match heads and percussion caps. Chlorates are more stable than 
hypochlorites, and are less powerful oxidising agents, e.g., they 
cannot be used for bleaching. 

Perchlorates are salts of perchloric acid , HC10 4 . If potassium 
chlorate is heated without manganese dioxide until it has lost 
about one-third of its oxygen, it gives a mixture of potassium 
chloride and potassium perchlorate :— 

2 KCIO 3 -KCl + KC10 4 + 0 2 

Of the salts of the oxy-acids of chlorine, the perchlorates are 
the weakest oxidising agents and the most stable. They have, 
however, quite powerful oxidising properties. 

Perchlorates sometimes occur in Chile saltpetre. Since they act 
as poisons to plants, their occurrence has a harmful effect on the 
use of the saltpetre for manure. 

Solutions of hypochlorites , chlorates and perchlorates do not give a 
precipitate with silver nitrate , since silver hypochlorite, silver 
chlorate and silver perchlorate are all soluble in water. Insoluble 
silver chloride cannot be formed from these compounds by double 
decomposition, but only by breaking up the acid radicals (CIO, 
CIO 3 , C10 4 ). The fact that no precipitate is formed is therefore 
not contrary to the rule stated on p. 58. 

Degrees of Oxidation. The formulae for the anhydrides of the acids 
described above are 

2HC10 —H 2 0 = C1 2 0, hypochlorous anhydride (chlorine monoxide). 
2 HCIO 3 —H 2 0 = C1 2 0 5 , chloric anhydride (unknown). 

2HC10 4 —H 2 0 = C1 2 0 7 , perchloric anhydride (chlorine heptoxide). 

The composition of these anhydrides gives a measure of the 
state of oxidation of the corresponding acids. 

The chlorine in hypochlorous acid, hypochlorites and chlorine 
monoxide is said to have the same degree of oxidation, since these 
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compounds can be converted into one another merely by the 
addition or subtraction of water or bases, and without oxidation 
or reduction. The degree of oxidation is expressed as equivalents 
of oxygen per chlorine atom (one equivalent = |0). The formula 
of chlorine monoxide, C1 2 0, shows that in these compounds the degree 
of oxidation is 1. In chloric acid, chlorates and chloric anhydride 
(C1 2 0 5 ) the degree of oxidation is 5. In perchloric acid, perchlorates 
and perchloric anhydride (C1 2 0 7 ) it is 7. By subtracting these 
degrees of oxidation from one another, we can calculate how many 
equivalents of oxygen are necessary to oxidise one compound to 
another. Thus to oxidise a hypochlorite to a chlorate, 5—1 = 4 
equivalents of oxygen are needed, i.e., 2 atoms of oxygen per 
chlorine atom. This can also be seen directly from the formulae 
of the salts. In free chlorine, the degree of oxidation of the chlorine 
atoms is of course zero. Hydrogen chloride (and chlorides) can be 
converted to free chlorine by oxidising with one equivalent of 
oxygen per chlorine atom, 

2HC1 + 0 = Cl 2 + H 2 0. 

In this compound therefore the degree of oxidation of the chlorine 
is 1 less than zero, i.e., —1. In order to oxidise hydrogen chloride 
to chloric acid it is thus necessary to oxidise with 5— (—1) =6 
equivalents of oxygen, i.e., 3 atoms, as may also be seen directly 
from the formulas. 

Chlorine is univalent in both hypochlorous acid and its anhydride, 
chlorine monoxide, which have respectively the formulae H—0—Cl 
and Cl—0—Cl. Chlorine is pentavalent in chloric anhydride and 
also in chloric acid, which has the formula :— 

,0 

H—o—Cl^ 

Finally, in chlorine heptoxide and perchloric acid chlorine is 
heptavalent, the latter compound having the formula 

0 

II 

H—0—Cl = 0 

II 

0 

22. FLUORINE (F = 19*00) 

Occurrence. The compounds of fluorine are quite widely distri¬ 
buted in the earth’s crust, but have not many applications. The 
most important minerals ar e fluorspar, CaF 2 , and cryolite , Na 3 AlF 6 . 
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The latter occurs only in Greenland. The naturally occurring 
calcium phosphate minerals always contain a little fluorine. 

Fluorine in the free state, F 2 , is a gas with a pale yellowish-green 
colour. It combines with hydrogen even at ordinary temperatures, 
and immediately decomposes water with the production of oxygen:— 

H 2 + F 2 ~>2HF 
F 2 + H 2 0 -> 2HF + 0 

The affinity of fluorine for hydrogen is still greater than that of 
chlorine. Fluorine also has a great affinity for most other sub¬ 
stances, so that it is difficult to prepare in the free state. It is best 
prepared by the electrolysis of anhydrous hydrogen fluoride. 

Hydrogen Fluoride, HF, is a colourless liquid which is so volatile 
(B.P. 20° C.) that it is usually termed a gas. Its solution in water is 
called hydrofluoric acid. Hydrofluoric acid is a much weaker acid 
than hydrochloric acid. It has the special property of being able to 
etch and dissolve glass and other silicates (see under the fluorine 
compounds of silicon). To prepare hydrofluoric acid, powdered 
fluorspar or cryolite is warmed with sulphuric acid in a distillation 
apparatus of lead or platinum. Hydrogen fluoride is liberated and 
distills over, 

CaF 2 + H 2 S0 4 = CaS0 4 + 2HF. 

One of the most important salts of hydrofluoric acid is calcium 
fluoride , CaF 2 (fluorspar), which is insoluble in water. In contrast 
to chlorine, fluorine forms no oxy-acids. 

23. BROMINE (Br = 79-916) 

Occurrence. Bromine is a fairly rare element. It occurs as 
bromides in small quantities in sea water. 

Bromine, Br 2 , is a dark brown heavy liquid which must be 
handled with great care, as it makes dangerous sores on the skin 
and emits poisonous brown vapours. It is moderately soluble in 
water, and the reddish-brown solution is called bromine water . 

Hydrogen bromide, HBr, is a colourless gas. Its solution in 
water is a strong acid, called hydrobromic acid . Hydrogen bromide 
and its salts, the bromides, are somewhat less stable than hydrogen 
chloride and the chlorides. Chlorine is therefore able to liberate 
bromine from these compounds, e.g., 

2 NaBr "~j- Cl 2 2NaCl + Br 2 . 

When sodium chloride is prepared from impure rock salt or from 
sea water, the mother liquor obtained as a waste product contains 
all the bromides originally present in the raw material. Bromine 
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is obtained from this liquor by passing in chlorine and distilling off 
the liberated bromine. 

Bromides. Sodium bromide and potassium bromide are white 
salts, soluble in water, and are used as soporifics. Silver bromide 
is a yellowish-white solid, insoluble in water and nitric acid. 

Sodium Hypobromite. The oxy-compounds of bromine resemble 
those of chlorine. If free bromine is added to sodium hydroxide 
solution, a mixture of sodium bromide and sodium hypobromite is 
formed. 

2 NaOH + Br 2 = NaBr + NaBrO + H 2 0. 

The resulting solution is a powerful oxidising agent. 

24. IODINE (I = 126*93) 

Occurrence. Iodine is a still rarer element than bromine, and 
iodine and its compounds are therefore rather expensive. It is 
present in extremely small quantities in sea water. The Chile 
saltpetre deposits contain a little sodium iodate. 

Iodine, I 2 , in the free state is an almost black solid with a slight 
metallic lustre. On warming gently it gives off a beautiful purple 
vapour, which on cooling condenses directly to iodine crystals, 
i.e., the iodine sublimes . Sublimation is a process in which a sub¬ 
stance vaporises, and on cooling returns to the crystalline state 
without intermediate formation of a liquid. Iodine is almost 
insoluble in pure water, but it dissolves readily to give a brown 
solution in water containing hydrogen iodide or metallic iodide, 
e.g., potassium iodide. Iodine also dissolves in alcohol to give a 
brown solution (tincture of iodine). On the other hand, it dissolves 
in carbon bisulphide to give a purple solution. The colour of free 
iodine (iodine molecules) in a dilute form is purple, as shown by the 
appearance of the vapour and the solution in carbon bisulphide. 
In the brown solutions the iodine has formed compounds with the 
solvent. Thus the alcohol solution contains a brown chemical 
compound of iodine and alcohol, and in a solution of iodine in potas¬ 
sium iodide, potassium tri-iodide, KI 3 , is formed. These brown 
compounds of iodine are unstable and partly dissociated . They 
act therefore like free iodine in a very dilute form. Free iodine 
gives a characteristic deep blue colour with starch. Iodine is 
poisonous. 

The solution of iodine in alcohol is used in medicine and surgery 
on account of its property of killing bacteria. The solution has the 
disadvantage that it attacks metals and colours the skin a deep 
brown. 

Preparation. Iodine is present in such small quantities in sea 
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water that it would not be profitable to extract it from the mother 
liquor after preparing common salt from sea water. However, sea¬ 
weed assimilates considerable quantities of iodine from the sea, 
and by carbonising seaweed and extracting the residue with water 
a solution containing sodium iodide is obtained. The iodine can 
then be liberated by passing in chlorine, 

2NaI 4" Cl 2 —> 2NaCl + I 2 . 

Hydrogen iodide, HI, is a colourless gas. Its solution in water 
has strongly acid properties and is called hydriodic acid . Of all the 
halogens, iodine has the smallest affinity for hydrogen, and hydrogen 
iodide is rather an unstable compound. It readily gives up its 
hydrogen to oxygen, forming iodine and water, 

2 HI + O -> H 2 0 + I 2 . 

On account of this reaction, hydriodic acid has nearly always a 
more or less brown colour, and hydrogen iodide has a deoxidising or 
reducing action on compounds containing oxygen. Thus strong 
sulphuric acid is reduced to sulphur dioxide by hydrogen iodide, 

2 HI + H 2 S0 4 -* I 2 + S0 2 + 2H 2 0. 

It is therefore impossible to obtain hydrogen iodide from iodides 
by heating with strong sulphuric acid. It is prepared by warming 
iodine with phosphorus and decomposing the resulting phosphorus 
tri-iodide with water: 

PI 3 + 3H 2 0 = 3HI + H 3 P0 3 . 

Iodides. The most important salts of hydriodic acid are potassium 
iodide , a white crystalline solid readily soluble in water, and silver 
iodide, which is yellow and insoluble in both water and nitric acid. 

Iodic Acid, HI0 3 . Iodine forms more stable oxygen compounds 
than any of the other halogens. Here we shall only mention iodic 
acid, HI0 3 , a white solid which can be obtained by oxidising iodine 
with nitric acid and evaporating down the solution until it begins 
to crystallise. Its salts are called iodates. 

25. REVIEW OE THE HALOGEN GROUP 

The halogens are coloured substances, forming with hydrogen 
colourless volatile compounds which are soluble in water and have 
acid properties. Their metallic compounds are salts. Their oxygen 
compounds are unstable and have oxidising properties. 

The halogens are monovalent towards hydrogen and the metals, 
while with oxygen they most frequently exhibit the valencies one 
and five. 
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If the halogens are arranged in order of atomic weight, we obtain 
the series 

F = 19-00, Cl = 35*457, Br = 79*916, I = 126*93. 

The same series is also obtained if they are arranged according to 
other properties. Thus the volatility of the free halogen decreases 
from fluorine to iodine, and their colour increases in the same order. 
As regards chemical properties, the above series represents the 
order of decreasing affinity for hydrogen, and also the order of 
increasing affinity for oxygen. 


CHEMICAL CHANGE. II 

The Velocity of Chemical Reactions 

Every chemical process takes a certain time for its completion, 
but the time necessary can vary very much. The process of 
neutralisation of acids with alkalies takes place practically speaking 
instantaneously, since it has not been possible to show by any 
means that the process takes more time than is necessary for 
mixing the acid with the alkali. The formation of hypochlorites by 
the action of chlorine on dissolved metallic hydroxides also takes 
place extremely rapidly. On the other hand, the transformation 
of hypochlorite to chlorate is a fairly slow process. Thus a solution 
of bleaching powder only loses its bleaching properties after keeping 
for several months, and this time therefore elapses before its hypo¬ 
chlorite has changed to chlorate. 

The time taken by a chemical process, or in other words the 
velocity with which the change proceeds, depends to a great extent 
upon the experimental conditions. 

1. Firstly, 1 the process takes place more rapidly the higher the 
temperature. 

2. Secondly, the concentration may be of importance. In general 
a concentrated solution will change more rapidly than a dilute one. 

3. Thirdly, the mere presence of other substances may have an 
accelerating action. Such added substances are called catalysts. 
Thus finely divided platinum catalyses the combustion of hydrogen, 
and manganese dioxide catalyses the liberation of oxygen from 
potassium chlorate. If, as in these instances, the catalyst is a 
solid substance, on the surface of which the reaction takes place 
especially rapidly, the phenomenon is often described as surface 
catalysis or heterogeneous catalysis. 

The effect of these different factors can be demonstrated by the 
reaction between potassium iodate and sulphurous acid. The iodate 
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oxidises the sulphurous acid to sulphuric acid, according to the 
equation 

KI0 3 + 3H 2 S0 3 = KI + 3H 2 S0 4 . 

If an excess of potassium iodate is used, it is easy to tell when 
the above reaction is finished, since as soon as the sulphurous acid 
is used up free iodine is formed by the action of the acid upon iodide 
and iodate, 

KI0 3 + SKI + 3H 2 S0 4 = 31 2 + 3K 2 S0 4 + 3H 2 0. 

This reaction will, of course, also give rise to iodine while there is 
still sulphurous acid present, but since sulphurous acid instan¬ 
taneously reduces iodine to hydrogen iodide, 

I 2 + H 2 S0 3 + H 2 0 - 2HI + H 2 S0 4 , 

the iodine does not appear until the sulphurous acid is used up. 
The moment at which free iodine appears can be detected either 
by the yellow colour of the iodine itself, or better by the blue colour 
of the starch-iodine compound. 

Experiments can be carried out with a solution of potassium 
iodate containing about 50 g. per litre and a solution of sulphur 
dioxide containing about 3 g. per litre. If 25 c.c. of each of these 
solutions is added to 400 c.c. of water, the iodine colour will appear 
after about 27 seconds at 18°. After this has been shown, the effect 
of temperature can be illustrated by using luke-warm water, e.g., 
at 35° the iodine colour will appear after only 13 seconds. The effect 
of concentration can be shown by using twice the amount of potas¬ 
sium iodate ; using 50 c.c. iodate solution at 18°, the iodine colour 
appears after 12 seconds. Finally it can be shown that hydro¬ 
chloric acid catalyses the reaction ; thus if 6 drops of concentrated 
hydrochloric acid are added, the colour appears after only 4 seconds, 
using 25 c.c. potassium iodate at 18°. 

A homogeneous reaction is one which takes place between sub¬ 
stances which are dissolved either in one another or in a solvent, 
i.e., in a homogeneous system. If on the other hand the reaction 
takes place between a gas and a solid substance ( e.g the combustion 
of coal) or between a liquid and a solid (e.g., dissolution of zinc in 
dilute sulphuric acid, dissolution of solids in water) it is termed a 
heterogeneous reaction ; it takes place on the surfaces between the 
various phases in a heterogeneous system. 

For a heterogeneous process, in addition to the factors mentioned 
above, the reaction velocity depends on the extent of the surface 
between the two phases which react, and on the degree of stirring. 
Thus in the dissolution of zinc in dilute sulphuric acid the process 
is accelerated by the following factors : (1) heating ; (2) use of 
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stronger sulphuric acid ; (3) use of catalysts , e.g., copper ; (4) use of 
finely divided zinc, with a large effective area, and (5) stirring , which 
continuously brings fresh supplies of acid to the surface of the zinc. 

The Effect of Temperature. The investigation of a large number 
of chemical processes has shown that in general an increase of 
temperature of 10° causes the velocity of a chemical reaction to 
become between two and three times as great (Van’t Hoff’s rule). 
This means that a change of temperature has a very great effect. 
If we reckon on a twofold increase for each 10°, a temperature rise 
of 100° (= 10 X 10°) will cause the reaction velocity to increase 
by a factor of 2 X 2 X 2 . . . (10 times) = 1,024. 

It is often observed that a chemical process cannot be detected 
at ordinary temperatures because the reaction velocity is im¬ 
measurably small, while on heating to a suitable extent the process 
acquires a measurable speed. This is the case for the evolution 
of oxygen from potassium chlorate, and for all chemical processes 
which have to be started by ignition. In carrying out chemical 
experiments, heating is very frequently employed to speed up 
processes. If the experiments are being carried out in aqueous 
solution (as, e.g., in ordinary analysis), the boiling point of water 
sets an upper limit for the temperatures which can be employed. 

Special interest attaches to the effect of temperature on biological 
processes. In cold-blooded animals, the body temperature (and 
hence the velocity of the chemical processes taking place inside the 
animal) depends on the external temperature. This is shown very 
clearly in the natural processes of all these animals. Thus a tor¬ 
toise’s heart beats about 2*5 times as quickly at 20° as at 10°, and 
a tadpole develops 2 to 3 times as fast at 20° as at 10°. The bodies 
of warm-blooded animals contain mechanisms for keeping the 
body temperature constant; in the case of human beings the normal 
body temperature is 37°. This constant temperature is necessary 
to ensure that the chemical reactions involved in vital processes 
shall take place at a uniform rate. Thus on account of the constant 
body temperature of the mammals, their period of gestation does 
not depend upon the external temperature, but has a fixed value 
for each species of mammal. 

Cooling is widely used for preserving and storing foodstuffs. It 
acts by reducing the velocity of the changes which cause the food¬ 
stuffs to deteriorate. If the temperature used is so low that the 
water in the foodstuff {e.g., in meat) is frozen to ice, other factors also 
come into play, and the keeping qualities are still further improved. 

Graphical Representation of the Course of a Reaction. To be 
completely familiar with the course of a chemical reaction, it is 
necessary to know not only how long the total change takes, but 
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also how much time is necessary for various fractions of the change 
to take place. The following table deals with the transformation 
of potassium hypochlorite solution to potassium chlorate and 
chloride, according to the equation 

3KC10 = KC10 3 + 2KC1, 

and gives the times necessary for the transformation of various 
percentages of the hypochlorite at different temperatures. 

The solutions of potassium hypochlorite employed were prepared by 
passing chlorine into caustic potash. The velocity of the reaction 
depends on the excess of chlorine used ; in the experiments referred 
to here there was an excess of about one volume of gaseous chlorine 
per volume of solution. The velocity does not depend much upon the 
concentration of the potassium hydroxide. 

TRANSFORMATION OF HYPOCHLORITE TO CHLORATE 


Chlorate formed. 

20°. 

30°. 

40°. 

50°. 

20 % 

6-9 mins. 

2-8 mins. 

IT mins. 

04 mins. 

40% 

15-3 „ 

6-1 „ 

24 „ 

1-0 „ 

60% 

284 „ 

11-4 „ 

4-5 „ 

1-8 „ 

80% 

50 „ 

20 „ 

8-0 „ 

3-2 „ 

99% 

143 

57 

22-9 

9-2 „ 


The course of the process represented by these data is best 
illustrated graphically. In 
Fig. 5 the times are plotted 
as abscissae (horizontally) and 
the percentage change as 
ordinates (vertically). The 
data in the table are then 
used to construct four curves 
which show the course of 
the reaction at four different 
temperatures. Inspection of 
these curves shows immedi¬ 
ately the very great accelerat¬ 
ing effect of a rise of tem¬ 
perature. The greater the 
velocity with which chlorate 
is formed, the steeper will be the curve showing the course of 
the reaction. The shape of the curves in the figure shows that 
their steepness decreases steadily as time goes on ; i.e., the reaction 



hG. 5.—Course of the conversion of 
hypochlorite to chlorate at different 
temperatures. 
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velocity decreases as the reaction progresses. This decrease 
is quite natural, since as the concentration of the hypochlorite 
decreases, less and less of it will be transformed to chlorate in each 
unit of time. 

The Effect of Concentration on Reaction Velocity. The Law of 
Mass Action. So far we have talked of the velocity of a chemical 
reaction without giving any precise definitions. An exact quantita¬ 
tive definition is as follows : The reaction velocity is measured by 
the amount of substance transformed in unit time. (This corresponds 
exactly to the physical definition of velocity as the distance covered 
in unit time.) The amount of substance is usually given in gram- 
molecules per litre, and the time in minutes. 

The law of mass action states that in a homogeneous process the 
reaction velocity is proportional to the concentration of each of the 
molecular species reacting. If two molecules of a substance take 
part in the reaction, then the velocity will be proportional to the 
square of its concentration. Thus in the formation of water according 
to the equation 2H 2 + 0 2 = 2H s O, according to the law of mass 
action the reaction velocity should be proportional to the square 
of the hydrogen concentration and directly proportional to the 
oxygen concentration. 

In actual measurements of the velocity of chemical reactions 
apparent deviations from the law of mass action are very often 
met with. These deviations can be explained by supposing that if 
the equation corresponding to a chemical reaction has three or 
more molecules on the left-hand side, then the reaction will usually 
take place in several consecutive stages. The law of mass action 
will be applicable to each stage separately, but not to the total 
process. For example, the reaction between potassium iodate and 
sulphurous acid corresponds to the equation KI0 3 + 3H 2 S0 3 == KI + 
3H 2 S0 4 , while it is found experimentally that the reaction is not 
proportional to the third power of the sulphurous acid concentration, 
but is approximately proportional to the first power. This may be 
explained by assuming that the reaction takes place in two stages : 
first the potassium iodate is reduced at a measurable speed to potas¬ 
sium iodite, KI0 2 , according to the equation KI0 3 -f H 2 S0 3 = 
KI0 2 + H 2 S0 4 , and then the KI0 2 formed is reduced further very 
rapidly, according to the equation KI0 2 + 2H 2 S0 3 — KI -f- 2H 2 S0 4 . 
The actual velocity measured will be that of the first of these 
stages, and will therefore be proportional to the first power of the 
H 2 S0 3 concentration. (The course of this reaction is actually still 
more complicated.) Measurements of reaction velocity can thus 
in many cases be used to determine the intermediate products 
formed during a reaction, and hence the reaction mechanism. 
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THE SULPHUR GROUP 

The sulphur group comprises a series of non-metals, which are 
divalent to hydrogen and have varying valencies up to six with 
oxygen. The elements oxygen, sulphur, selenium and tellurium 
belong to this group, but only the first two are sufficiently important 
to be dealt with here. 

26. OXYGEN (0 = 16-000) 

Occurrence. Oxygen is the most abundant element on the 
surface of the earth. It occurs in the air and in water , and con¬ 
stitutes approximately one-half of the most common kinds of 
stone and rock (limestone and silicates). 

Free Oxygen. Oxygen occurs in the free state in two widely 
different modifications, ordinary oxygen and ozone. 

Ordinary oxygen, 0 2 , occurs in the atmosphere, and can be pre¬ 
pared by heating potassium chlorate with the addition of a little 
manganese dioxide as a catalyst. It is a colourless gas containing 
two atoms in a molecule, and it is only slightly soluble in water: 
1 1. of water at 18° and 1 atmosphere dissolves 35 c.c. of oxygen 
(measured at 0° and 1 atmosphere). Atmospheric air contains only 
one-fifth part oxygen (by volume), so that the partial pressure of 
oxygen in air is only 1/5 atmosphere. Hence by Henry's law (see 
p. 21), 1 litre of water saturated with air at 18° and 1 atmosphere 
will contain i x 35 = 7 c.c. of oxygen. By cooling to a very low 
temperature, oxygen can be condensed to a pale blue liquid boiling 
at — 183° C. 

Most elements will burn in oxygen, e.g 

S + 0 2 —> S0 2 (sulphur dioxide) 

4P + 50 2 2P 2 0 5 (phosphorus pentoxide) 

C + 0 2 —> CO 2 (carbon dioxide) 

2 Na + 0 2 Na 2 0 2 (sodium peroxide) 

2Mg + 0 2 —>2MgO (magnesium oxide) 

4Fe + 30 2 —^2Fe 2 0 3 (ferric oxide) 

Some elements only combine slowly on heating, and without any 
appearance of combustion, e.g., 

-0 2 - 2CuO 

2 Hg + 0 2 —> 2HgO (only near the boiling point of mercury) 

N 2 + 0 2 —>■2NO (only at very high temperatures, and then 
very incompletely) 

The halogens, the gases of the argon group and the noble metals 
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(silver, gold, platinum) are completely unable to combine directly 
with oxygen. However, with the exception of the rare gases, they 
can all be made to give oxides by indirect methods. 

Nowadays oxygen is prepared commercially from the air. Liquid 
air is subjected to fractional distillation, when the nitrogen distils 
over first, being more volatile than the oxygen. By conducting 
the distillation in a suitable manner, pure oxygen can be obtained. 
It is sold compressed to 150 atmospheres in steel cylinders. 

Oxygen is used for obtaining high temperatures. When a sub¬ 
stance is burned in oxygen exactly the same amount of heat is 
evolved as when it is burnt in air : the heat of combustion (measured 
in calories per gram-molecule) is exactly the same in both cases. 
On the other hand, the temperature of combustion is much higher 
in oxygen than in air, since in air the heat evolved is partly used up 
in heating up the nitrogen contained in the air. On account of its 
high temperature, a hydrogen flame or an acetylene flame supplied 
with oxygen can be used for welding together articles made of iron 
{autogenous welding), and also for cutting thick iron plates. Oxygen 
is also used for resuscitating drowned or suffocated people, a mechani¬ 
cal apparatus ( e.g ., a “ pulmotor ”) being sometimes used to aid 
respiration. A portable oxygen apparatus is used for climbing at 
great heights and for rescue work involving contact with poisonous 
gases; in this case the lungs are cut off entirely from the atmo¬ 
sphere, and are fed directly with oxygen. 

Ozone, 0 3 . If electric sparks (or better, a silent discharge) are 
passed through oxygen it acquires a characteristic sharp smell 
and becomes a stronger oxidising agent. It attacks the mucous 
membrane, has the power of bleaching and disinfecting, and is in 
many ways more active. It is then said to be “ ozonised On 
heating to about 200°, all these properties disappear, and only 
those of ordinary oxygen remain. If the oxygen has been strongly 
ozonised it acquires a distinct blue colour, and on cooling to a low 
temperature a small amount of blue liquid separates out before the 
ordinary oxygen condenses. If this blue liquid is allowed to warm up, 
it passes into a blue gas called ozone. Both liquid and gaseous ozone are 
extremely explosive, as they readily revert to ordinary oxygen with 
the evolution of heat. Ordinary ozonised oxygen contains only a few 
per cent, of ozone. It has been used for sterilising drinking water 
and for purifying the air, e.g., in cinemas and underground railways. 

The density of ozone is 1*5 times that of oxygen. Its molecular 
weight must therefore also be 1*5 times as great, and its molecule 
must contain three oxygen atoms (0 3 ). 

The existence of an element in several different modifications 
{e.g., oxygen and ozone) is called allotropy . 



OXYGEN 


73 


The Composition of the Atmosphere 

Oxygen occurs in the free state in the atmosphere, which is a 
mixture of oxygen and nitrogen containing also a small quantity 
of argon and varying quantities of water vapour and carbon dioxide. 

The amounts of water valour and carbon dioxide in the air may be 
determined by passing a known volume of air through absorption 
apparatuses (see Fig. 6). The water vapour is first removed by 
passing through concentrated sulphuric acid, after which the 
carbon dioxide is absorbed in concentrated potassium hydroxide 
solution or soda lime, the reaction in the first case being 
2 KOH + C0 2 = K 2 C0 3 + H 2 0. 

By weighing the absorption apparatuses before and after the 
passage of the air, the amounts of water and carbon dioxide are 
determined. 

According to the temperature and the degree of saturation, the 
amount of water vapour can vary from practically zero up to several 
per cent. Fresh country air contains about 0-03 volume per cent, 
of carbon dioxide, while town air sometimes contains twice as much, 
and badly ventilated rooms as much as 1 %. The amount of oxygen 
can be determined by measuring the decrease in volume when the 
oxygen is removed by absorption (< e.g with heated copper, moist 
phosphorus or alkaline pyrogallol solution). Another method is to 
mix a known volume of air with an excess of hydrogen, ignite the 
mixture with an electric spark, and measure the decrease of volume. 
Each volume of oxygen will combine with two volumes of hydrogen, 
so that the volume of oxygen originally present is equal to one-third 
of the decrease of volume. For example, if 100 c.c. of air is mixed 
with 50 c.c. of hydrogen, and the volume after explosion is 87 c.c., 
then the decrease of volume is 63 c.c. and the volume of oxygen 
63 

originally present — = 21 c.c. 

o 

The composition of air free from moisture and carbon dioxide is 
practically the same throughout the world. Expressed as volume 
percentages it is 20*9% oxygen, 78*16% nitrogen and 0*94% argon. 

Air is a mixture and not a chemical compound of nitrogen and 
oxygen. This is shown, e.g., by the separation of oxygen from 
nitrogen by the distillation of liquid air, and it agrees with the fact 
that the properties of free oxygen and nitrogen remain unchanged 
in air. 

THE COMPOUNDS OF OXYGEN 

The numerous and important compounds of oxygen will be 
described under the elements with which the oxygen is combined. 
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Thus the oxides of hydrogen and the halogens have been described 
in the previous chapter. It is, however, convenient to devote a short 
paragraph here to the principles governing the nomenclature of 
oxides. 

The Nomenclature of Oxides 

If an element only forms one oxide, or if one of its oxides is 
commoner than the remainder, the term “ oxide 5> is often used 
without any qualification (e.g., silver oxide, Ag 2 0, copper oxide, 
CuO). The distinction between the different oxides of an element 
has in the past been greatly complicated by the use of unsystematic 
names, but nowadays the following system of nomenclature is almost 
universally used. 

(1) The number of oxygen atoms in the formula is denoted by a 
Greek prefix, e.g., carbon monoxide, CO, carbon dioxide, C0 2 , lead 
dioxide, Pb0 2 , sulphur trioxide, S0 3 , phosphorus pentoxide, P 2 9 5 . 

(2) Alternatively, the valency of the other element is indicated. 
This is done (cf. p. 37) by adding the suffixes -ous and - ic to the 
Latin name of the element, e.g., 

Cuprous oxide, Cu 2 0 (monovalent) 

Cupric oxide, CuO (divalent) 

Ferrous oxide, FeO (divalent) 

Ferric oxide, Fe 2 0 3 (trivalent) 

The suffix -ous is always used for the oxide of lower valency. The 
same system can be extended to the so-called mixed oxides, e.g., 

Ferroso-ferric oxide, Fe 3 0 4 = FeO . Fe 2 0 3 . 

(3) The term peroxide is confined to those oxides which give 
hydrogen peroxide with acids, and are therefore supposed to contain 
two oxygen atoms linked together. Thus barium dioxide, Ba0 2 , 
is a peroxide, while manganese dioxide is not, since it gives no 
hydrogen peroxide with acids. This distinction is not however 
always observed : thus N0 2 is commonly referred to as nitrogen 
peroxide, though it is not a true peroxide according to this system. 

27. SULPHUR (S = 32*06) 

Occurrence. Sulphur occurs in nature both in the free state and 
combined. It is found free especially in volcanic districts, e.g., in 
Sicily. Gypsum (CaS0 4 .2H 2 0) and iron pyrites (FeS 2 ) are two of 
the commonest minerals containing sulphur. 

Free Sulphur. Like oxygen, sulphur occurs in several allotropic 
modifications. 

Crystalline Sulphur, S 8 . Ordinary commercial roll sulphur is a 
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brittle yellow substance, insoluble in water, but readily soluble in 
carbon disulphide. If the carbon disulphide is allowed to evaporate 
off at room temperature, sulphur separates out in the form of 
beautiful transparent yellow crystals ( rhombic sulphur). If roll 
sulphur is heated a little above 100°, it melts to give an orange - 
coloured liquid, which on cooling deposits crystals of sulphur 
(monoclinic sulphur) differing in crystalline form from rhombic 
sulphur. The two kinds of crystals give identical solutions in carbon 
disulphide, and both contain S 8 molecules. They differ only in 
crystal structure, and not in the molecules of which they are com¬ 
posed. Behaviour of this kind, in which the same kind of molecule 
can crystallise in several different ways, is known as polymorphism . 
If the monoelinie crystals are allowed to stand for a day or so at 
room temperature, they change into rhombic sulphur. Above 96° 
only the monoclinic crystals are stable, while below 96° only the 
rhombic crystals are stable. At 96°, the transition temperature , 
both crystalline forms are stable. 

Amorphous Sulphur. If molten sulphur is heated to its boiling 
point (445°) and then cooled suddenly by pouring into cold water, 
a soft plastic mass is formed which becomes somewhat harder on 
standing. This plastic sulphur is a mixture of crystalline sulphur 
and another modification of sulphur, known as amorphous or 
insoluble sulphur. By treating plastic sulphur with carbon disul¬ 
phide the crystalline sulphur can be extracted, leaving behind the 
amorphous sulphur, which is insoluble in carbon disulphide. Amor¬ 
phous sulphur is formed in molten sulphur on heating, and its 
formation can be followed by observing the dark colour and viscous 
nature which the molten sulphur acquires as the proportion of 
amorphous sulphur increases. The molecular weight of amorphous 
sulphur is not known with certainty. 

Preparation of Sulphur . Sulphur occurs in a free state in volcanic 
regions, mixed with earth and stones. It can be freed from the 
greater part of the accompanying impurities by heating and running 
off the molten sulphur. Further purification is carried out by 
distillation. In parts of America (Texas and Louisiana) deposits 
of very pure sulphur are found at depths of about 500 feet, and are 
mined by forcing superheated water down a shaft and pumping up 
the molten sulphur. Considerable quantities of sulphur are also 
obtained from waste products in the manufacture of alkali and 
coal-gas. 

By cooling sulphur vapour quickly it condenses out as a fine 
yellow powder (flowers of sulphur). The distilled sulphur is more 
often collected as a liquid and cast into rolls or blocks in wooden 
moulds. When sulphur is precipitated in aqueous solution by 
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means of chemical reactions it forms extremely fine particles which 
give the liquid a milky appearance and settle to the bottom very 
slowly (milk of sulphur). 

The Chemical Properties of Sulphur. Like oxygen, sulphur is a 
reactive substance and will combine with most other elements on 
heating. It combines easily with oxygen , and ignites in air when 
heated near its boiling point, burning to give sulphur dioxide, S0 2 
(and usually also a little sulphuric acid). On the other hand, it 
combines only slowly and to a small extent with hydrogen. On 

heating with iron it combines 
vigorously to give ferrous 
sulphide, FeS, enough heat 
being evolved to make the 
whole mass glow. Similarly, 
it combines readily with other 
metals , forming sulphides. 

The formulse of sulphur 
compounds often resemble 
those of oxygen 
compounds, e.g ., 

Water, H 2 0, hydrogen 
sulphide, H 2 S. 

Carbon dioxide, C0 2 , car¬ 
bon disulphide, CS 2 . 
Ferrous oxide, FeO, 
ferrous sulphide, FeS. 

Sulphur is used medicin¬ 
ally, and also as a remedy 
for plant diseases. In the 
latter case its action probably 
depends chiefly on the traces of sulphuric acid which are formed 
by the action of air on moist sulphur. Sulphur is often burnt for 
purposes of disinfection, as the sulphur dioxide formed destroys 
micro-organisms. Sulphur is also used as a constituent of gun¬ 
powder and in the vulcanisation of rubber. 

THE HYDROGEN COMPOUND OF SULPHUR 

Hydrogen sulphide (sulphuretted hydrogen), H 2 S, is a colourless, 
poisonous gas with an unpleasant smell. Its solubility in water is 
about the same as that of chlorine (three volumes of hydrogen 
sulphide in one volume of water at room temperature). It occurs 
in some mineral waters (e.g., at Harrogate), and is formed in the 
putrefaction of organic substances containing sulphur (eggs, sea- 



Fig. 6.—Kipp’s apparatus for prepar¬ 
ing cases. A and B are absorption 
vessels for solid and liquid purifying 
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weed). It is prepared by the action of dilute hydrochloric acid on 
pieces of ferrous sulphide. 

FeS + 2HC1 -> H 2 S + FeCl 2 . 

This preparation (and other similar ones) is most conveniently 
carried out in a so-called Kipp’s apparatus, shown in Pig. 6. The solid 
ferrous sulphide is placed in the middle compartment, which is closed 
by the stopper and tap, after which the dilute hydrochloric acid is 
poured into the top compartment. On opening the tap, the acid rises 
and comes into contact with the ferrous sulphide. When the tap is 
closed, the pressure of the gas forces back the acid until the evolution 
of gas ceases. 

Another method of preparation is to drop hydrochloric acid into 
a solution of sodium sulphide. 

Na 2 S + 2HC1 —^ H 2 S + 2NaCl. 

Chemical Properties . Hydrogen sulphide is an unstable compound 
which is almost completely decomposed into sulphur and hydrogen 
by heating to red heat. When hydrogen sulphide is passed into a 
solution of iodine in potassium iodide, the following reaction takes 
place, 


as is apparent by the disappearance of the brown iodine colour 
and the precipitation of milk of sulphur. The hydrogen in hydrogen 
sulphide is thus still less firmly combined than it is in hydrogen 
iodide. Similarly, oxygen can remove the hydrogen from hydrogen 
sulphide, and a solution of hydrogen sulphide in water is oxidised 
slowly in the air according to the equation 


Chemically combined oxygen can also react in the same way, and 
hydrogen sulphide therefore has a deoxidising (reducing) effect on 
many substances. For example, it will reduce nitric acid to the 
lower oxides of nitrogen, 

2HN0 3 + 3H 2 S -> 2N0 + 3S + 4H 2 0, 
and will reduce ferric salts to ferrous salts, 

2FeCl 3 + H 2 S -> 2FeCl 2 + 2HC1 + S. 

A solution of hydrogen sulphide in water has a feebly acid reac¬ 
tion, and hydrogen sulphide is therefore an acid, though an extremely 
weak one. Its salts are called sulphides. It is easily detected by the 
formation of a black lead sulphide : thus paper impregnated with 
lead acetate solution is blackened by hydrogen sulphide, 

Pb(C 2 H 3 0 2 ) 2 + H 2 S -> PbS + 2C 2 H 4 0 2 . 
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Sulphides. The sulphides of potassium, sodium and ammonium 
are white crystalline salt-like substances, readily soluble in water. 

In solution these salts are almost completely hydrolysed, i.e., split 
up into free base and acid salt. (This depends upon the fact that 
hydrogen sulphide is such an extremely weak acid.) 

K 2 S + H 2 0 = KOH + KSH 
Na 2 S + H 2 0 = NaOH +- NaSH 
(NH 4 ) 2 s =: 

Ammonium hydrosulphide is further decomposed to a small extent into 
ammonia and hydrogen sulphide, 


so that a solution of ammonium sulphide smells of both ammonia 
and hydrogen sulphide. The sulphides of calcium, magnesium and 
aluminium are also hydrolysed by water, but the hydroxides of these 
metals are insoluble in water and are therefore precipitated. 

Most other sulphides are completely insoluble in water, but dissolve 
in dilute hydrochloric acid with the evolution of hydrogen sulphide, 
e.g., 

FeS + 2HC1 -> FeCl 2 + H 2 S. 

There is, however, a third group of sulphides, those of mercury, 
lead, silver, bismuth and copper, which are insoluble in dilute 
hydrochloric acid. With the exception of mercuric sulphide, all 
these sulphides will dissolve in warm dilute nitric acid with the 
separation of free sulphur, e.g., 

3CuS + 8HN0 3 3Cu(N0 3 ) 2 + 3S + 2NO + 4H 2 0. 

Mercuric sulphide is only soluble in “ aqua regia ” (a mixture of 
nitric and hydrochloric acids). 

The varying solubilities of the sulphides are made use of in 
chemical analysis for separating the different groups of metals. 
Thus if a solution of metallic salts is made suitably acid and then 
saturated with hydrogen sulphide, mercury, lead, silver, cadmium, 
tin, arsenic, antimony, bismuth and copper are precipitated as 
sulphides, while the other metals remain in solution. 

The sulphides of the heavy metals often occur as minerals, which 
are used for preparing the metals. The sulphur is burnt away by 
heating the ore in the presence of air, and the oxides thus obtained 
are reduced by heating with coke, e.g., 

ZnS + 30 = ZnO + S0 2 
2ZnO + C = 2Zn + C0 2 

Polysulphides. Sulphide solutions will dissolve sulphur with the 
formation of polysulphides, e.g.. 
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Na 2 S + S = JsTa 2 S 2 (sodium disulphide). 

Na 2 S + 4S = Na a S s (sodium pentasulphide) 

These solutions are yellow or orange in colour. On adding an 
excess of acid, the dissolved sulphur separates out again in a very 
finely divided form (milk of sulphur), e.g., 

Ua 2 S 2 + 2HC1 2]STaCl + H 2 S + S. 

If slaked lime (calcium hydroxide) and sulphur are boiled together 
with water, an orange-coloured solution is obtained containing poly¬ 
sulphides of calcium and some calcium thiosulphate, 

3Ca(OH) 2 + 12S = 2CaS 5 + CaS 2 0 3 + 3H 2 0. 

This solution is used for treating plant diseases. 


THE OXIDES AND OXY-ACIDS OF SULPHUR 

The following table gives a list of the most important acids and 
oxides of sulphur. 


Formula. 

Name . 

Name of salts. 

j4c?d 

anhydride. 

h 2 s 

Hydrogen sulphide 

Sulphides 

_ 

H s S0 3 . 

Sulphurous acid 

Sulphites 

so 2 

H 2 S0 4 . 

Sulphuric acid 

Sulphates 

so 3 

h 2 s 2 0 3 

Thiosulphuric acid 

Thiosulphates 

— 


The prefix thio- in thiosulphuric acid indicates that its formula 
can be derived from that of sulphuric acid by substituting a sulphur 
atom for an oxygen atom. 

Sulphur dioxide, SO 2 , is formed when sulphur burns, and is a 
colourless gas with a choking smell. It can easily be condensed by 
pressure to a liquid boiling at —10° (at atmospheric pressure), and 
is sold in this form in steel cylinders and glass syphons. 

On a large scale, sulphur dioxide is prepared by roasting pyrites, 
FeS 2 , in air in suitable furnaces. 

2 FeS 2 + 110 = Fe 2 0 3 + 4S0 2 . 

The gas thus produced contains nitrogen from the air and also an 
excess of oxygen. It is possible to isolate sulphur dioxide from the 
mixture, but the greater part of it is used directly for the manu¬ 
facture of sulphur trioxide and sulphuric acid. 

In the laboratory, sulphur dioxide can be prepared by heating 
copper with concentrated sulphuric acid. The copper first reduces 
the sulphuric acid, 

Cu + H 2 S0 4 - CuO + S0 3 + H 2 0, 
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after which the copper oxide immediately reacts with more sulphuric 
acid to give copper sulphate and water, 

CuO + H 2 S0 4 = CuS0 4 + H 2 0. 

The equation for the whole process is obtained by adding the two 
above equations, giving 

Cu + 2H 2 S0 4 = S0 2 + CuS0 4 + 2H 2 0. 

Sulphurous acid, H 2 S0 3 . One litre of water at room temperature 
dissolves about 50 litres of sulphur dioxide. The solution has a 
strongly acid reaction, from which it is concluded that the sulphur 
dioxide has combined with water to give an acid, sulphurous acid. 
Sulphur dioxide is hence sometimes called sulphurous anhydride . 
The solution smells strongly of sulphur dioxide, showing that even 
at ordinary temperatures sulphurous acid is appreciably dissociated 
into sulphur dioxide and water. By boiling the solution the sul¬ 
phurous acid can be entirely expelled as sulphur dioxide. The 
formula of sulphurous acid can be derived from the composition 
of its salts. For example, by neutralising sulphurous acid with 
sodium hydroxide and evaporating to dryness, sodium sulphite 
is obtained, having a composition corresponding to the formula 
Na 2 S0 3 . The formula of sulphurous acid must therefore be H 2 S0 3 . 

The addition of water to sulphur dioxide is a reversible process, 


The aqueous solution contains a mixture of sulphur dioxide and 
sulphurous acid. If sulphur dioxide is removed ( e.g by blowing 
air through the solution) the reaction takes place from right to left, 
while if sulphurous acid is removed {e.g., by neutralisation with 
bases) the opposite change from left to right will occur. Thus if 
either of the two substances is removed, the final result is to decrease 
the concentration of both. 

Sulphurous acid can combine with oxygen to give sulphuric 
acid, 

H 2 S0 3 + 0 = H 2 S0 4 , 

and hence possesses reducing properties. Solutions of sulphurous 
acid which have been kept for a long time always contain sulphuric 
acid, formed by the absorption of atmospheric oxygen. Sulphur 
dioxide can be used for bleaching wool and silk, which are too 
fragile to admit the use of hypochlorites. The fabrics are hung 
up in a closed space where sulphur is burnt, and the sulphur dioxide 
formed reduces (in the presence of moisture) the coloured substances 
to colourless compounds. 

Sulphites. Sulphurous acid forms both normal salts (sulphites), 
e.g., Na 2 S0 3 , CaS0 3 , and acid salts (bisulphites), e.g., NaHSO s . A 
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solution of calcium bisulphite is prepared by the action of water and 
sulphur dioxide on calcium carbonate (limestone), and is used in 
the wood-pulp industry. 

Sulphur trioxide, S0 3 , is a volatile substance which fumes in the 
air and combines very violently with water to give sulphuric acid . 
When freshly prepared it is a liquid, but on standing it becomes 
solid and crystalline. It is prepared by passing a mixture of sulphur 
dioxide and oxygen over a suitable heated catalyst. Finely divided 
platinum deposited on asbestos is the catalyst most often used, 
and the mixture of sulphur dioxide and oxygen is usually prepared 
by burning pyrites in an excess of air. The nitrogen present in the 
mixture of gases has no harmful effect, but other impurities must be 
carefully removed, as they “ poison 55 the platinum ( i.e. 5 render it 
inactive). 

The formation of sulphur trioxide from sulphur dioxide and oxygen 
is an incomplete process, and the maximum (equilibrium) amount 
which can be formed decreases with increasing temperature. From 
this point of view it is therefore desirable to work at as low a tempera¬ 
ture as possible. On the other hand, the temperature must be high 
enough to give a fairly large reaction velocity. The more active the 
catalyst, the lower the temperature necessary to attain a reasonable 
reaction velocity, and hence the greater the yield obtained. Platinum 
is a very active catalyst and is sufficiently active even at 400°. It 
therefore pays to use it in spite of its very high price. 

Sulphuric acid, H 2 S0 4 (formerly called “ oil of vitriol ”), is a 
colourless, viscous, heavy liquid (density 1*88). On heating to boiling 
it loses a little sulphur trioxide and leaves an acid containing 1*5% 
of water, which boils at 338°. This mixture has a higher boiling 
point than all other mixtures of sulphuric acid and water, and 
therefore distils over without any change in composition. Pure 
sulphuric acid crystallises at +10°, but the presence of a small 
amount of water lowers the freezing point considerably. 

Sulphuric acid is manufactured by burning pyrites and combining 
the sulphur dioxide thus formed with oxygen and water 

This can be brought about in two different ways. 

In the modern contact process sulphur trioxide is first prepared 
by using a catalyst (as described above) and the trioxide is then 
converted into sulphuric acid by combining it with water in a suit¬ 
able manner. This method is used particularly for preparing pure 
and concentrated sulphuric acid. 

In the much older lead chamber process (see Fig. 7) the products 
of combustion of the pyrites are passed into large lead chambers 
(lead being the only reasonably cheap metal which is not attacked 
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by sulphuric acid). Water is simultaneously sprayed into the 
chambers, and since the pyrites are always burnt with an excess 
of air, the three components necessary to give sulphuric acid 
(sulphur dioxide, water and oxygen) are present in the chambers. 
In order to make the reaction go sufficiently rapidly it is necessary 
to introduce a little nitric acid as a catalyst. The catalytic action 
of the nitric acid can be explained in the following way. Eirst the 


Acid *• NO From Water Sprays Concentrated Acid 

Ah».liiuni>T/vu«p ./ V. From Glover Tower 



Glover “Concentrated Acid Gay-Lussac 

Tower to Gay-Lussac Tower Tower 


Fig. 7.—Diagram of lead chamber process. 

nitric acid itself oxidises a little sulphur dioxide, according to the 
equation 

2HN0 3 + 3S0 2 + 2H 2 0 = 3H 2 S0 4 + 2NO. 

nitric oxide 

The nitric oxide formed then combines with some of the free oxygen 
in the chamber to give nitrogen peroxide, 

2N0 + 0 2 = 2N0 2 (nitrogen peroxide). 

Finally the nitrogen peroxide oxidises a fresh portion of sulphur 
dioxide to sulphuric acid. 

N0 2 + S0 2 + H 2 0 = H 2 S0 4 + NO. 

nitric oxide. 

The nitric oxide is thus completely regenerated, and by a repetition 
of the last two equations a small amount of nitric oxide can form a 
large amount of sulphuric acid. 

The lead chambers have 'to be made very large in order to allow 
time for the mixed gases to react while passing through them. The 
gases emerging from the chambers contain oxides of nitrogen, 
which are fairly expensive. Partly for this reason, and partly to 
avoid contaminating the atmosphere, the emerging gases are passed 
up through a tower filled with coke, down which strong sulphuric 
acid trickles (the Gay-Lussac tower). The sulphuric acid absorbs 
the oxides of nitrogen, which are used again in the Glover tower , 
where the mixed acids trickle down over pieces of stone and meet 
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the hot gases from the pyrites kilns on their way to the chambers. 
The oxides of nitrogen are taken np by the gas stream and returned 
again to the chambers. A considerable amount of sulphuric acid is 
also formed in the Glover tower. 

The acid formed in the chambers ( chamber acid) collects at the 
bottom, and consists of about two parts of sulphuric acid to one of 
water. By evaporating down chamber acid a product is obtained 
which contains about 90% sulphuric acid, but is contaminated 
with lead sulphate, arsenic, etc. It may be purified by distillation. 
Commercial pure concentrated sulphuric acid always contains a 
few per cent of water. 

Chemical Properties. Sulphuric acid is a strong add. Although 
not quite so strong as hydrochloric acid, it often appears to have 
more powerful acidic properties since, on account of its high boiling 
point, it can be used at higher temperatures. 

Concentrated sulphuric acid acts as a fairly strong oxidising agent. 
In the presence of oxidisable substances it gives up oxygen, being 
itself reduced to sulphur dioxide and water, 

o + so 2 + h 2 o. 

For example, concentrated sulphuric acid will oxidise hydrogen 
iodide to iodine (see p. 65), and copper to copper sulphate (see 
p. 79). Organic substances are oxidised to carbon dioxide and water 
by boiling with concentrated sulphuric acid (as in KjeldahVs method 
for determining nitrogen in organic substances). 

Concentrated sulphuric acid is also an extremely effective de¬ 
hydrating agent. It is much used for drying both gases and solids. 
The hygroscopic nature of sulphuric acid depends upon its tendency 
to form hydrates. These hydrates can only be obtained in a solid 
state by cooling mixtures of sulphuric acid and water to low tempera¬ 
tures. When concentrated sulphuric acid and water are mixed, 
the formation of hydrates is accompanied by the evolution of very 
large amounts of heat. If water is poured into concentrated sulphuric 
acid, so much heat is evolved locally that there is violent ebullition 
and the hot corrosive acid spurts out of the vessel. The evolution 
of heat is less dangerous when the cold acid is poured in a thin 
stream into the cold well-stirred water, and this method should 
always be employed. Organic substances are often charred by 
strong sulphuric acid. Hydrogen and oxygen are removed in the 
form of water, leaving black substances rich in carbon. At higher 
temperatures the oxidising power of sulphuric acid comes into play, 
and on boiling for some time the organic matter is oxidised com¬ 
pletely to carbon dioxide and water. 

Uses. Sulphuric acid is the cheapest and most used of all acids. 
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Large amounts are used in chemical industry for preparing the 
artificial fertilisers superphosphate and ammonium sulphate, and 
also for preparing many organic compounds ( e.g ., nitro-compounds 
and sulphonic acids). Mineral oils and greases are purified by treat¬ 
ment with concentrated sulphuric acid. Among the numerous uses of 
sulphuric acid in the laboratory may be mentioned the preparation 
of hydrogen, use as a drying agent, the determination of nitrogen 
by Kjeldahl’s method, and the detection of barium, lead and the 
nitrate radical. Dilute sulphuric acid is used for industrial cleaning 
purposes, especially for copper and brass articles, when it dissolves 
the metal compounds formed by the action of the air. 

Sulphates. Sulphuric acid can form both normal and acid salts, 
e.g., with sodium : 

Na 2 S0 4 , (normal) sodium sulphate. 

NaHS0 4 , acid sodium sulphate, sodium hydrogen sulphate or 
(in old terminology), sodium bisulphate. 

The term bisulphate is derived from the fact that the acid salts 
contain twice as much sulphuric acid for a given amount of base as 
the normal sulphates. Most sulphates are soluble in water, but 
barium sulphate (BaS0 4 ), lead sulphate (PbS0 4 ) and mercurous 
sulphate (Hg 2 S0 4 ) are insoluble, while calcium sulphate (CaS0 4 ) is 
only slightly soluble. Sulphuric acid and sulphates will therefore 
produce precipitates with solutions of barium, lead and mercurous 
salts, e.g., 

BaCl 2 + H 2 S0 4 -> BaS0 4 + 2HC1. 

Calcium salts also give a precipitate provided the solutions are 
not too weak. 

j Detection of Sulphate Radical. Since all solutions containing 
sulphuric acid or sulphates give a white precipitate of barium 
sulphate with barium chloride, this salt can be used as a reagent 
for detecting the sulphate radical. To be quite certain that the 
precipitate formed actually is barium sulphate, the following 
procedure is adopted. The solution is first acidified with hydro¬ 
chloric acid, and if a precipitate is formed more hydrochloric acid 
is added until no further precipitate appears. The solution is then 
filtered, and barium chloride solution added to the filtrate. Since 
any substances which can be precipitated by the chloride radical 
have already been removed, any precipitate formed at this stage 
must be due to the barium and must be a barium salt. Besides 
barium sulphate, barium carbonate (BaC0 3 ) and barium phosphate 
(Ba 3 (P0 4 ) 2 ) are insoluble in water ; however, barium sulphate is 
the only one of the three substances which is insoluble in hydro- 



SULPHUR 


85 


chloric acid, and hence will be the only precipitate which can be 
formed in the procedure described above. 

Pyrosulphuric acid, H 2 S 2 0 7 . A solution of sulphur trioxide in 
concentrated sulphuric acid is called fuming sulphuric add (or in 
industry, ‘ oleum ’). In such a solution most of the sulphur trioxide 
is combined with the sulphuric acid to give pyrosulphuric acid, 

S0 3 + H 2 S0 4 = H 2 S 2 0 7 . 

Its fuming character depends on the fact that the vapours of sulphur 
trioxide combine with the water vapour in the air to give minute 
drops of sulphuric acid. If fuming sulphuric acid is added to water 
(which must be done very carefully on account of the large amount 
of heat evolved), the pyrosulphuric acid combines immediately 
with the water to give sulphuric acid, 

H 2 S 2 0 7 + H 2 0 = 2H 2 S0 4 . 

Thiosulphuric acid, H 2 S 2 0 3 . If sulphur is boiled with a solution 
of sodium sulphite it dissolves with the formation of a salt called 
sodium thiosulphate , 

Na 2 S0 3 + S == hTa 2 S 2 0 3 . 

This process is analogous to the oxidation of sodium sulphite to 
sodium sulphate: 

Na 2 S0 3 + 0 = Na 2 S0 4 . 

On attempting to prepare free thiosulphuric acid by adding a 
strong acid to a solution of sodium thiosulphate, sulphur is rapidly 
deposited and the solution smells of sulphur dioxide. Thiosulphuric 
acid itself is very unstable and decomposes according to the equation 

h 2 s 2 o 3 = h 2 so 3 + s. 

Sodium thiosulphate, Na 2 S 2 0 3 (sometimes referred to incorrectly 
as sodium hyposulphite), is the most important salt of thiosulphuric 
acid. It is a white solid readily soluble in water, and is used in 
photography for fixing (see under silver). It is immediately oxidised 
by chlorine and hypochlorites, and is used to remove the last traces 
of these bleaching agents from cloth and paper. 

It also combines instantaneously with free iodine, giving the 
sodium salt of tetrathionic add, H 2 S 4 0 6 , 

2Na 2 S 2 0 3 -j- I 2 —^ 2NaI ~f~ Na 2 S 4 0 3 . 

(sodium tetrathionate) 

This reaction is used in practice for measuring the amount of free 
iodine present in a solution, by finding what volume of sodium 
thiosulphate of known strength is necessary to combine with all 
the iodine. This type of measurement is known as titration , or 
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volumetric analysis . In the present case each molecule of sodium 
thiosulphate used up corresponds to one atom of iodine. 

Sulphurous acid, sulphites and sulphur dioxide can be converted 
into one another without any processes of oxidation or reduction, 
so that the degree of oxidation of the sulphur is the same in all this 
group of compounds (cf. p. 61). The same is true for the group 
sulphuric acid, sulphates, pyrosulphuric acid and sulphur trioxide. 
It is easily seen from the formulae of the oxides that the degree of 
oxidation of the sulphur in the first group is 4 (4 equivalents of 
oxygen per sulphur atom), while in the sulphuric acid group it is 6 
(6 equivalents of oxygen per sulphur atom). 

The structural formula of sulphurous acid is usually written 
H— On. 

)S = 0 

H—Ck 

with tetravalent sulphur. Similarly, sulphuric acid is 

H—0\^ ,0 

H— O' 

with hexavalent sulphur, and thiosulphuric acid is 

H—°\ 

with one sulphur atom hexavalent and the other only divalent. 
MONOBASIC AND DIBASIC ACIDS 

Molar and Normal Solutions 

The sulphuric acid molecule contains two atoms of acidic hydrogen , 
i.e., hydrogen which gives the substance its acidic properties and 
which can be replaced by metal atoms. Such an acid is termed 
dibasic. In general, the basicity of an acid is determined by the 
number of atoms of acidic hydrogen in its molecule. Hydrochloric 
acid (HC1) is monobasic , while phosphoric acid (H 3 P0 4 ) is tribasic . 
In acetic acid (C 2 H 4 0 2 ) only one of the four hydrogen atoms can 
be replaced by a metal, and the acid is therefore monobasic. (It is 
shown in organic chemistry that the formula of this acid is better 
written CH 3 COOH, thus emphasising the special character of one 
of the hydrogen atoms.) One molecule of an w-basic acid requires n 
molecules of sodium hydroxide for complete neutralisation, 

H rt X + ?zNaOH = Na n X + ^H 2 0. 

Polybasic acids (i.e., acids containing more than one replaceable 
hydrogen atom) differ from monobasic acids in being able to form 
salts in which only a part of the acidic hydrogen is replaced by 
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metals (acid salts). While a monobasic acid such as HC1 can only 
give rise to one sodium salt, the dibasic acid H 2 S0 4 gives two sodium 
salts (NaHS0 4 and Na 2 S0 4 ) and the tribasic phosphoric acid three 
(NaH 2 P0 4 , Na 2 HP0 4 and Na 3 P0 4 ). 

Equivalents. The equivalent weight of an acid is defined as the 
number of grams of the acid which contains one gram-atom of 
acidic hydrogen, and which is therefore equivalent to one mole of 
sodium hydroxide (HC1, JH 2 S0 4 , |H 3 P0 4 ). The equivalent weight 
of sulphuric acid is thus equal to half the gram-molecular weight, 
i.e. } 49*04 gms. In the same way the equivalent weight of a base 
is defined as the number of grams of the base which will neutralise 
one gram-equivalent of acid (or one gram-atom of acidic hydrogen). 
Thus the formula weights NaOH, NH 3 , iCa(OH) 2 , iMgO are the 
equivalent weights of the corresponding bases. 

Molarity and Normality. A solution containing x moles (gram- 
molecules) of a substance per litre is called x molar , and a solution 
containing x gram-equivalents per litre is called x normal. Thus a 
solution of sulphuric acid (molecular weight 98*08) containing 
100 gms. per litre is 100/98*08 = 1*020 molar, but 100/49*04 = 
2*039 normal. A 0*1 normal solution of sulphuric acid contains 
49*04 x 0*1 = 4*904 g. sulphuric acid per litre, while a 0*1 molar 
solution contains twice as much. Whenever the equivalent weight 
and the molecular weight of a substance differ, it is important to 
differentiate carefully between normality and molarity. 

In titration (volumetric analysis) the amount of a substance 
present is estimated by determining what volume of a known 
solution is necessary to neutralise the substance (or more generally, 
to precipitate or react with this substance). In work of this kind it 
is usual to express the concentration of the known solution in terms 
of normality, as this simplifies the calculations. 

Example 1. How many grams of ammonia are there in a sample 
of solution which when titrated with 2 normal (2N) acid needs 
24 c.c. for neutralisation ? (If the strength of the acid is known in 
normality, it is unnecessary to specify what acid it contains.) The 
calculation is as follows. One gram-equivalent of ammonia (17*031 
gms.) needs for neutralisation one gram-equivalent of acid, or 
1,000/2 = 500 c.c. of 2N acid. The amount of ammonia present 
neutralises 24 c.c. 2N acid, and hence by simple proportion the 
amount of ammonia is 17*031 X 24/500 == 0*8175 gms. ammonia. 

Example 2. How strong is a solution of a base, 25 c.c. of which 
require 75 c.c. 0TN acid for neutralisation ? In terms of normality 
the strength is 0*1 X 75/25 = 0*3 normal. If the strength of the 
base is required in grams per litre, the equivalent weight of the 
base must be known. Thus, for example, if the base is ammonia 
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(equivalent weight 17*031) the solution contains 0*3 X 17*031 = 
5*1093 grams ammonia per litre. 

The normality (or molarity) of a solution is sometimes defined 
as the number of gram-equivalents (or moles) per kilogram of solvent 
(instead of per litre of solution ). For dilute solutions in water the two 
sets of definitions practically coincide, since the density of water and of 
sufficiently dilute solutions is very nearly unity. For concentrated 
solutions and solutions in solvents other than water the difference may 
be considerable. 

THE IONIC THEORY 

Electrolytic Dissociation 

Electrolysis and Ions. Pure water is a very bad conductor of 
electric currents, but if salts , acids or bases are dissolved in it the 
resulting solutions are found to be good conductors. The manner 
in which they conduct differs considerably however from the 
conduction of electricity by metals, as the passage of the current 



a. 8.—Ions in electrolyte Fig. 9.—Conduction of electricity in an 

solution. electrolyte by migration of ions. 

through the solutions is accompanied by decomposition of the 
dissolved substance. This decomposition is termed electrolysis . 
Thus if an electric current is passed through hydrochloric acid, the 
hydrogen chloride is split up into hydrogen and chlorine. The 
chlorine is fiberated at the electrode through which the current 
enters the solution (the positive electrode or anode), while the 
hydrogen is liberated at the electrode by which the current leaves 
the solution (the negative electrode or cathode). All conductors of 
this kind, which are decomposed by the passage of an electric 
current (i.e., electrolysed), are termed electrolytic conductors, or 
electrolytes. The last term is also used to describe the substances 
which dissolve in water to give electrolytically conducting solutions. 

The difference between electrolytic and metallic conduction is 
est explained by an analogy. In metals electricity can move 
about freely, and a metal wire therefore acts as a kind of bridge 
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over which electricity can pass freely under the action of electrical 
forces. In electrolytes there is no such free motion of electricity, 
but an electrolytic conductor contains atoms or groups of atoms 
with positive and negative charges which move through the water 
on the application of electrical forces, and thus transport the 
electricity through the non-conducting water rather like ferry-boats. 
These charged particles have been given the name ions . Fig. 8 
shows diagrammatically the ions in an electrolyte solution, and 
Fig. 9 shows how they move when electrodes are immersed in the 
solution and an electric potential applied by means of a galvanic 
cell. The positively charged ions, which are attracted to the cathode 
(the negative electrode), are termed cations , and the negatively 
charged ions, which are attracted to the anode (the positive elec¬ 
trode), are termed anions . 

The Chemical Composition of Ions. By investigating the decom¬ 
position products which appear at the electrodes when a current is 


Anode processes 

S0 4 — + positive electricity —>- S0 4 
S0 4 + H 2 0 —> H a S0 4 + O 
20 —0 


Cathode processes 

Na+ -f negative electricity —>- 
Na -f H a O -> NaOH -f H 
2H->H 2 



Fig. 10.—-Electrolysis of sodium sulphate 


passed, it is possible to determine the nature of the ions. Thus elec¬ 
trolysis of hydrochloric acid liberates hydrogen at the cathode and 
chlorine at the anode, and it is therefore assumed that in hydrochloric 
acid the cations are positively charged hydrogen atoms, H + , and the 
anions negatively charged chlorine atoms, Cl"". In many cases the 
matter is complicated by the fact that the ions after giving up their 
electricity to the electrode may react chemically either with the elec¬ 
trode material or with water. Thus if hydrochloric acid is electrolysed 
with copper electrodes, hydrogen is again obtained at the cathode, 
but the chlorine primarily liberated at the anode combines with the 
copper, giving cuprous chloride as a white deposit on the electrode 
or cupric chloride in solution. To obtain visible evolution of 
chlorine the electrodes must be made of some material not attacked 
by chlorine, e.g graphite. 

Matters are still more complicated in the electrolysis of sodium 
sulphate. The ions present are positively charged sodium atoms, 
Na + , and negatively charged sulphate radicals, S0 4 "% which migrate 
to the electrodes and are discharged. The sodium formed primarily 
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at the cathode then reacts with the water to give hydrogen and 
sodium hydroxide, while the S0 4 group formed primarily at the 
anode reacts with water to give sulphuric acid (see Fig. 10). If the 
only result of electrolysis were to give hydrogen at the cathode and 
oxygenat the anode, it would be simplest to assume that the ions were 
positive hydrogen atoms and negative oxygen atoms, but the simul¬ 
taneous formation of acid and alkali is most easily explained as above. 

Careful investigation of the products of electrolysis of a large 
number of different electrolytes has shown that positive ions 
usually consist of metals or hydrogen, since these substances migrate 
to the cathode (in the same direction as the current). Negative 
ions usually consist of acid radicals, including hydroxyl, and migrate 
to the anode (in the opposite direction to the current). 

The Composition of Ions 

In acids , positively charged hydrogen atom -f negatively charged 
acid radical. 

In salts , positively charged metal atom + negatively charged acid 
radical. 

(In metallic hydroxides , positively charged metal atom + negatively 
charged hydroxyl.) 

The Magnitude of the Ionic Charges. It was found by Faraday that 
if the same current is sent through two different acid solutions, the 
same amount of hydrogen is liberated in each solution. This shows 
that the hydrogen ions in different acids must transport equal 
amounts of electricity, i.e., they must be charged with the same 
amount of positive electricity. 

A current of 1 ampere liberates in 96,500 seconds one gram-atom 
(= 1*0078 gms.) of hydrogen. One gram-atom of hydrogen when 
present as hydrogen ions must therefore carry a charge of 96,500 
ampere-seconds or coulombs. 

Faraday also found that other ions have the same charge in 
different electrolytes. Thus the iodide ion has the same charge in 
both hydrogen iodide and potassium iodide, the cupric ion has the 
same charge in both cupric sulphate and cupric nitrate, etc. 

The amount of electricity carried by a hydrogen ion is indicated 
by a single positive sign (H + ). Those negative ions which combine 
with one hydrogen ion to give electrically neutral molecules must 
carry an amount of negative electricity equal to the amount of 
positive electricity on a hydrogen ion. This is indicated by a single 
negative sign (OH - *, Cl~, N0 3 ", etc. — monovalent anions). Nega¬ 
tive ions which combine with two hydrogen ions to give a neutral 
molecule must contain twice as much negative electricity (S0 4 == , 
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SO3% C0 3 == 5 etc. —- divalent anions). Similarly, the phosphate ion, 
which requires three hydrogen ions to give a neutral molecule, 
must have a triple charge, and is written P0 4 ~. 

In the same way it can be shown that the monovalent positive 
ions must have a charge equal to that on the hydrogen ion (Na + , K + , 
etc.), since their charge can be neutralised by one chloride ion, which 
in turn will neutralise one hydrogen ion. The divalent cations 
must carry a charge twice as great (Ca ++ , Mg ++ , etc.), since they 
need two chlorine ions for electrical neutralisation. 

Since the charge on an ion is always equal to a simple multiple 
of the charge on a hydrogen ion, the charge on the latter appears 
to represent an indivisible unit of electric charge, or an atom of 
electricity. The number of such units of electricity carried by an ion 
is equal to the valency of the ion. 

Equivalent amounts of different ions carry equal electric charges. 
One gram-equivalent of any ion carries the same amount of elec¬ 
tricity as one gram-atom of hydrogen ions, i.e ., 96,500 coulombs 
(ampere-seconds). This amount of electricity is called a Faraday . 
The passage of an amount of electricity equal to 96,500 ampere- 
seconds (== 26*8 ampere-hours) will therefore liberate one gram- 
equivalent of the products of electrolysis at each electrode (lAg, 
JCu (from a cupric salt), 1H (= JH 2 ), 1C1 (== |C1 2 ), |0 (= |0 2 ), etc.). 

The electric charges carried by ions are relatively extremely 
large. Thus if the charge present on 1 milligram of hydrogen ions 
is placed at a distance of 100 kilometres from an equal charge, the 
force of repulsion between them will be approximately 1,000 kilo¬ 
grams. For this reason an electrolyte solution must always contain 
practically speaking equivalent quantities of cations and anions. 
A minute excess of one kind of ion (so small as to be quite un¬ 
detectable chemically) would give the solution an enormous electric 
charge (principle of the electroneutrality of electrolyte solutions). 

The Hydration of Ions. It is not usually possible to establish by 
investigating the products of electrolysis whether or not the ions 
are combined with water molecules, or hydrated. Other methods of 
investigation have, however, shown that the hydrogen ion in aqueous 
solution is combined with one molecule of water, giving the ion 
H 3 0 + , which is termed the hydroxonium ion. In order to distin¬ 
guish between the unhydrated hydrogen in H + and the hydroxo¬ 
nium ion H 3 0 + , the former is often called a 'proton. Many metallic 
ions can also be definitely shown to be hydrated. Thus the silver 
ion is Ag(H 2 0) 2 + , the cupric ion Cu(H 2 0) 4 ++ , and the aluminium 
and ferric ions Al(H 2 0) e +++ and Fe(H 2 0) 6 +++ - respectively. It is 
not yet known with certainty whether the ions of the alkali metals 
(Na + and K + ) and acid radical ions like Cl”, NO a ”, S0 4 = are hydrated. 
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For many purposes the degree of hydration of the ions is of little 
interest, and ions are therefore commonly written without water, 
even in cases where they are known to be hydrated. 

The Electrical Nature of Ions. As previously mentioned, the fact 
that ions always possess a charge which is a simple multiple of the 
charge on a hydrogen ion suggests that electricity cannot be split 
up indefinitely, but consists of small equal and indivisible units of 
electric charge, or atoms of electricity. The absolute magnitude 
of this ultimate unit can be calculated by dividing the charge on 
one gram-equivalent of an ion (1 Faraday = 96,500 coulombs) by 
the number of units of charge contained in one gram-equivalent. 
This last number is equal to the number of molecules in a gram- 
molecule (Avogadro’s number = 6*1 X 10 23 : see p. 28). This 
gives the value 1*58 X 10~ 19 coulombs for the size of the atom of 
electricity. Physical investigations of cathode rays (in a discharge 
tube) and ^8-rays (from radioactive substances) have confirmed 
the idea of the atomic nature of electricity. These rays have been 
shown to consist of a stream of minute negatively charged particles 
moving very rapidly. The electric charge on the particles has the 
value given above, and their mass is 1/1,840 of the mass of a hydrogen 
atom: i.e., their atomic weight referred to 0 — 16 is 1 /1,825. These 
negative particles are called electrons , and they are assumed to be 
the actual atoms of negative electricity. 

Electrons are 'present in all substances. Each atom consists of a 
small heavy nucleus having a positive charge, round which revolve 
one or more electrons. This picture of the atom (first advanced by 
Rutherford) may be compared to the solar system, the nucleus 
corresponding to the sun, the revolving electrons to the planets, 
and the dimensions of the whole system being decreased by a factor 
of about 10 22 . In an electrically neutral atom, the number of 
electrons round the nucleus is just sufficient to neutralise the positive 
charge of the nucleus. Similarly, in a neutral molecule containing 
several atomic nuclei, the number of electrons is just sufficient to 
neutralise the total positive charge of all the nuclei. 

It is only recently that positively charged particles as light as 
the electron have been discovered. They appear only rarely and 
under special conditions, and in general positive electricity only 
occurs associated with the much heavier atomic nuclei. 

The atomic nuclei are very stable, and it is their great resistance 
to change which leads to the indestructibility of the elements (see 
p. 2). Atoms can, on the other hand, usually lose or gain electrons 
easily. Thus the monovalent metals readily lose one electron with 
the formation of singly charged positive ions, e.g., Na becomes 
Na + . K becomes K + . The atoms of divalent metals like Mg and 



ELECTEOLYTIC DISSOCIATION 


93 


Ca readily lose two electrons, giving donbly charged cations, Mg++ 
and Ca ++ . The trivalent aluminium atom readily loses three 
electrons, giving A1+++, etc* The high electrical conductivity of 
metals is connected with the tendency of their atoms to split off 
electrons. A piece of metal contains a number of free electrons, 
which are easily set into motion by an electric field, thus carrying 
an electric current* Electrolyte solutions on the other hand contain 
no free electrons, their conductivity being due to the presence of 
freely mobile ions. Electrical insulators contain neither free 
electrons nor free ions. 

In the non-metals the electrons are bound much more firmly than 
in the metals, in fact the atoms of non-metals are able to take up 
extra electrons. Thus the halogen atoms are able to take up one 
extra electron, forming singly charged anions (E~, CD, Br~, I - ). 
The atoms of oxygen and sulphur can take up two extra electrons, 
giving the doubly charged anions CD and S = . 

In general we may say that the special properties of the metals 
depend upon their tendency to split off electrons , while the special 
properties of the non-metals depend on their tendency to take up electrons . 

Groups of atoms (radicals) can also form ions by losing or gaining 
electrons, e.g., NH 4 + , N0 3 ~ SO^, OH". 

The State and Number of Ions of Electrolyte Solutions. In an 
electrolyte solution the ions are free , and may he considered as 
independent molecules. The question of how many of the molecules 
of the dissolved substance are dissociated to ions may be answered 
by means of freezing point determinations. If one mole of sodium 
chloride is dissolved in one kilogram of water, the freezing point is 
lowered 3*4°, while the normal depression for one mole in one 
kilogram of water is 1*86° (see p. 33). 34° is roughly twice 1*86°, 
showing that the number of molecules present is roughly twice 
what would be anticipated on the basis of the formula NaCl. If 
NaCl is completely dissociated into Na + and CD, the number of 
molecules would be exactly doubled. The freezing point of the 
solution thus indicates that all {or nearly all) of the sodium chloride 
molecules are present in the solution as free sodium ions and chloride 
ions. The small difference between 34° and 3-72° (=2x 1*86°) 
can be accounted for by the electric forces between the ions, which 
have the effect of making the freezing point lowering rather smaller 
for ions than for neutral molecules. 

Ionisation in Salt Solutions. Complex Salts and Ions 

Sodium sulphate lowers the freezing point of water about three 
times as much as would be expected from the formula Na 2 S0 4 . Since 
one molecule of sodium sulphate dissociates into three ions 
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(SNa 4 * + S0 4 = ) this salt must also be present in solution almost 
entirely in the form of ions. In general, if one molecule of a salt 
dissociates into n ions, the salt will lower the freezing point of 
water about n times more than would be expected from its formula. 
This behaviour shows that most salts are practically completely 
dissociated in solution. 

There are, however, exceptions to this rule : thus mercuric chloride 
lowers the freezing point of water no more than would be expected 
from the formula HgCl 2 . This shows that it is only slightly ionised, 
which agrees with the fact that its solutions are only poor conductors 
of electricity. Mercuric chloride is therefore often termed a complex 
salt. Similarly, when potassium ferrocyanide (K 4 Fe(CN) 6 ) is 
dissolved in water, it does not give the eleven ions which might be 
expected from its formula (4K + , Fe ++ , 6CN~), but only 4 potassium 
ions and one complex ferrocyanide ion , Fe(CN) 6 “. This is shown 
by the freezing points of solutions of potassium ferrocyanide, and 
also by the fact that chemical tests show that neither ferrous ions 
(Fe ++ ) nor cyanide ions (CN“) are present in the solution. Complex 
salts are of frequent occurrence, especially with the heavy metals. 

Ionisation of Acids and Bases in Solution. The extent to which 
acids and bases are dissociated into free ions varies very much 
from case to case. Hydrochloric acid and nitric acid in aqueous 
solution are almost completely dissociated into ions according to 
the equations 

HC1 —> H + + Cl” 

HNO s ->H+ +no 3 - 

Since the hydrogen ion is not actually a free proton, but a hydroxo- 
nium ion (see p. 91), the above equations may be more correctly 
written 

HC1 + H 2 0 H 3 0+ + Cl- 

HN0 3 + H 2 0 -> H 3 0+ + no 3 - 

In sulphuric acid the first hydrogen atom is completely ionised 
in water, 

h 2 so 4 -^h+ + hso 4 - 

or written with the hydroxonium ion, 

H 2 S0 4 + H 2 0 H 3 0+ + HS0 4 “. 

The second hydrogen ion, on the other hand, is only partially 
ionised (except in extremely dilute solution), according to the 
equation 

hso 4 - ^ H+ + S0 4 = 

or more correctly, 

hso 4 - +• H 2 0 H 3 0 + + S0 4 =\ 
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Acetic acid , when dissolved in water, gives the normal freezing 
point depression corresponding to the formula CH 3 COOH. It is in 
fact only dissociated to a small extent (0*4% in 1 molar solution) 
into hydrogen ions and acetate ions. 

The following table gives the degree of dissociation of a number 
of weak acids in 0*1 molar solution. The degree of dissociation is 
defined as the proportion of the total acid which is present in the 
form of free ions. The degree of dissociation can be determined (as 
indicated above for sodium chloride) by measurements of freezing- 
point depression, but for small degrees of dissociation the electrical 
conductivity of the solution constitutes a more convenient method. 
The greater the conductivity of the OTM solution, the greater the 
degree of dissociation of the acid, since the ions of the different 
acids possess roughly the same power of conducting an electric 
current. 



Ions produced. 

j Degree of dis¬ 
sociation in 

0*1 M solution. 

* Sulphurous acid, H 2 S0 3 

H+ + HSO s - 

34% 

* Phosphoric acid, H 3 P0 4 

h+ + h 2 po 4 - 

24% 

Hydrofluoric acid, HE 

H+ + F- 

10% 

Acetic acid, CH 3 COOH 

H+ + CH3COO- 

1-33% 

* Carbonic acid, H 2 C0 3 . 

H+ + HCO3- 

0-18% 

* Hydrogen sulphide, H 2 S 

H+ + HS- 

0-09% 

Hypochlorous acid, HCIO 

h+ + cio- 

0-03% 

* Boric acid, H 3 B0 3 

H+ -j- H 2 B0 3 - 

0-01% 


Those acids marked with an asterisk in the above table are 
polybasic, but none of them splits off a second or third hydrogen ion 
to any appreciable extent in OIM aqueous solution. 

Acids which split off their acid hydrogen atoms (as ions) com¬ 
pletely (or almost completely) in aqueous solution are termed 
strong acids. Examples of strong acids are the halogen hydrides , 
nitric acid and sulphuric acid (as regards its first acid hydrogen). 

Acids which only split off small quantities of hydrogen ions in 
aqueous solutions are termed weak acids , e.g. } acetic acid , carbonic 
acid and hydrogen sulphide. 

There is no sharp division between these two groups, and a 
number of acids represent intermediate cases which cannot be 
described as strong or weak, e.g ., hydrogen fluoride, the first dissocia¬ 
tion of sulphurous acid and phosphoric acid } and the second dissocia¬ 
tion of sulphuric acid . 
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Sodium hydroxide, potassium hydroxide and other strongly basic 
metallic hydroxides are practically completely dissociated in solution 
to metal ions and hydroxyl ions. On the other hand, a solution of 
the weak base ammonia in water only contains a small proportion 
of ions. In a 1M solution of ammonia only 0*4% of the ammonia has 
reacted with water to give ammonium ions and hydroxyl ions, 
according to the equation 

NH 3 + H 2 0 -> NH 4 + + OH- 

Electrolytes which are only dissociated to a small extent in 
solution are termed weak electrolytes (e.g., mercuric chloride and 
similar complex salts, acetic acid and other weak acids, ammonia 
and other weak bases), while electrolytes which are completely 
ionised are termed strong electrolytes . 

Salt Mixtures. The ionic theory provides a simple and elegant 
solution of an old problem concerning salt solutions. If one mole of 
sodium chloride and one mole of potassium nitrate are dissolved 
in one litre of water, the resulting solution is identical with that 
obtained by dissolving one mole of sodium nitrate and one mole 
of potassium chloride in the same amount of water. At one time 
chemists attempted in vain to discover which pair of salts were 
actually present in this solution. Neither pair of salts give any 
evidence of chemical reaction in solution, and yet the solutions 
obtained in the two cases are identical. The ionic theory solves 
this dilemma : since all four salts are strong electrolytes, the 
resulting solutions contain none of the original salts, but only the 
four free ions, Na + , K + , Cl" and N0 3 ~ 

Sea water contains the metals sodium, potassium, magnesium 
and calcium, and the acid radicals chloride, sulphate and bromide. 
These components are not combined together to give salts, but are 
present in the water as free ions. It is therefore quite useless to 
speculate whether the bromide is present as sodium bromide, 
potassium bromide, magnesium bromide or calcium bromide, since 
it is actually not combined with any metal, but is present as free 
bromide ion. The results of analysing a sample of natural water 
(or other salt solution) are therefore best expressed by giving the 
quantities of the various ions present. If, however, we wish to pre¬ 
pare artificially a solution of the same composition, the ions must 
be combined on paper to give suitable salts. The single ions cannot 
be weighed out as such, but only in pairs as salts. 

It follows from these considerations that in analysing a solution 
of a solid substance containing strong electrolytes, it is impossible 
to tell how the ions found were combined together as salts in the 
original solid. Thus the ordinary analytical methods used in the 
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laboratory are only able to tell us what ions are given by the un¬ 
known substance, and not how they were combined together. 

There are, however, cases in which it is possible to state which 
ions are combined together in a solution of mixed salts. This is 
always the case when weak electrolytes are concerned. Three examples 
of this will be given. If aqueous solutions of mercuric nitrate and 
sodium chloride are mixed, the mercuric ions and the chloride ions 
will combine to give mercuric chloride, which is a weak electrolyte 
(complex salt), 

Hg^ + 2Cl-->HgCl 2 . 

We can thus state definitely that the solution contains mercuric 
chloride. Similarly, if hydrochloric acid is added to a solution of 
sodium acetate, the hydrogen ions from the hydrochloric acid will 
combine with the acetate ions from the sodium acetate to form the 
weak acid acetic acid, the presence of which may be detected by 
its smell, 

H + + CH 3 COO- CH 3 COOH. 

This is sometimes expressed by saying that the strong acid hydro¬ 
chloric acid displaces the weak acetic acid from its salts. In the 
same way, if sodium hydroxide is added to a solution of ammonium 
chloride, the ammonium ion will react with the hydroxyl ion to give 
ammonia and water, 

NH 4 + + OH- NH 3 + H 2 0, 

in agreement with the fact that ammonia is a weak base and is only 
ionised to a small extent in solution; Here again it may be said 
that the strong base sodium hydroxide displaces the weak base 
ammonia. 

This can be expressed quite generally by saying that if a mixture 
of two solutions contains the two ions of a weak electrolyte, the 
molecules of this weak electrolyte will be formed on mixing the 
solutions. 

The Ionisation of Water, Although pure water conducts elec¬ 
tricity very badly, it does possess a small electrolytic conductivity, 
due to the fact that it is ionised to a small extent into hydrogen and 
hydroxyl ions, 

H a O-*H+ + OH- 
or written with hydroxonium ion, 

2H 2 0->H 3 0+ + OH- 

From the value of the conductivity of pure water it can be 
calculated that the molar concentration (moles per litre) of the 
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hydrogen and hydroxyl ion in pure water is about 10~ 7 at room 
temperature. Water is thus a very weak electrolyte . 

Ionisation in Solid Salts. Thorough investigations of the physical 
properties of solid salts (especially their behaviour towards X-rays) 
have shown that the ions are actually present in the solid salts , and 
are not merely formed by dissolving them in water. Thus solid 
sodium chloride is built up of sodium ions and chlorine ions. When 
sodium chloride is formed from sodium metal and chlorine gas, the 
sodium atom gives up an electron to the chlorine atom, according 
to the equation 

Na + Ca->Na+ + (3l- 

The readiness with which this reaction takes place is due to the 

tendency of a sodium atom to lose 
an electron, and the tendency of 
the chlorine atom to take one up 
(see p. 93). The sodium and 
chlorine ions then arrange them¬ 
selves into a regular crystal lattice 
under the influence of the electri¬ 
cal forces between their charges 
(see Eig. 11 ). This crystal lattice 
forms a cubic framework, the 
points of which are occupied alter¬ 
nately by cations and anions. 

In a crystal of sodium chloride 
the ions are not joined up in pairs 
to form molecules, but (as may be 
seen from the figure) each ion is 
surrounded symmetrically by six ions of the opposite sign. This 
is expressed by saying that the crystal has an ionic lattice and not a 
molecular lattice. The molecule represented by the formula NaCl 
does not exist in solid, molten or dissolved sodium chloride (though 
it probably does in the vapour of this salt). It would be more 
correct to write the formula Na+ . Cl", and the formula for sodium 
sulphate 2 Na + . SO 4 - etc., thus indicating the composition of the 
salt without assuming the existence of individual molecules. This 
nomenclature is not, however, generally used. 

Substances which can be derived from acids by replacing the 
acid hydrogen by a metal usually have many physical properties 
in common with ordinary salt (NaCl), e.g., hardness, high melting 
point, power of forming crystals, etc. It is therefore usual to term 
as salts all the metallic derivatives of acids. The reason for this 
similarity lies in the fact that all substances possessing typical salt- 
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like properties have an ionic structure, i.e., they are composed of 

positive and negative ions arranged regularly in a lattice.- Some- 

metallic derivatives of acids (e.g., mercuric chloride,^gdi 2 f ppssesC 
neither an ionic structure nor typical salt-like properties.”'"It is 
somewhat misleading to use the term salt for substances of this 
kind, though it is the usual practice to do so. 

The Ionisation of Pure Anhydrous Acids. Hydrogen chloride in 
the pure anhydrous state is a gas at ordinary temperatures, while 
pure nitric acid and sulphuric acid are liquids. These substances 
thus have no salt-like properties in an anhydrous state, and closer 
investigation shows that they actually contain no hydrogen ions 
or acid radical ions in a free state. It is not until they are dissolved 
in water that these ions are formed, according to the equation 

HC1 —H+ + Cl”, or more correctly, 

HC1 + H 2 0 H s O+ + Cl”. 

Aqueous solutions of these acids thus contain true salts (hydrogen 
salts, or more correctly, hydroxonium salts). 

Since even the strong acids have not an ionic structure in the 
pure non-aqueous state, we shall expect still less to find one in weak 
acids like acetic acid and hydrogen sulphide, which are only slightly 
ionised even when dissolved in water. 

No substances are known which contain the unhydrated hydrogen 
ion or proton, H + , in a free state. This ion has such a great tendency 
to combine with other atoms, molecules and ions, that it does not 
occur in detectable amounts in any substance. This is no doubt 
connected with the fact that the proton consists of a bare atomic 
nucleus. The hydrogen atom consists of a nucleus with one positive 
charge having a single electron revolving round it. The proton is 
formed from the hydrogen atom by losing this one electron, and 
hence possesses no protected system of electrons round the nucleus. 

The state of ionisation in solid metallic hydroxides is not yet known 
with certainty. It appears probable, however, that the strongly basic 
soluble hydroxides (NaOH, KOH, Ca(OH) 2 , Ba(OH). 2 ) possess an 
ionic lattice, since they bear a considerable resemblance to salts in the 
solid state. On the other hand, it is very doubtful whether aluminium 
hydroxide and the hydroxides of the heavy metals actually contain 
hydroxyl ions. These substances are very insoluble in water and have 
very few of the characteristic properties of salts, which indicates that 
they probably have not an ionic structure. 

The concept of ions was originated by Faraday (1834). Svante 
Arrhenius showed, in 1887, that the ions are present in a free state 
in salt solutions. The ionic structure of solid salts was first demon¬ 
strated in the twentieth century. 



100 


THE NON-METALS 


Acidic and Basic Reaction 

All aqueous solutions having an acid reaction contain hydrogen ions, 
H + , or better, hydroxonium ions, H 3 0 + . When we test whether a 
solution is acid with a piece of blue litmus paper, we are actually 
testing whether it contains hydrogen ions. The test is a very 
delicate one, since very small amounts of hydrogen ions are able to 
turn the paper red. 

Similarly, all aqueous solutions having a basic reaction contain 
hydroxyl ions , OH“ The tests for a basic reaction with turmeric 
paper (brown colour) and with phenolphthalein (red colour) are 
therefore actually tests for hydroxyl ions. 

The Ionic Product of Water. The chemical process which takes 
place when a solution of sodium hydroxide is neutralised with hydro¬ 
chloric acid has been formerly written 

NaOH 4 - HC1 -*• NaCl + H 2 0. 

Since, however, the first three substances in this equation are strong 
electrolytes and therefore present almost entirely as ions, the process 
can be written more correctly, 

+ OH- + H+ + Cl- ~>Na+ + Cl- + H 2 0, 
or omitting the ions which occur on both sides of the arrow, 

oh- + h+->h 2 o. 

According to this scheme the only process taking place when the 
acid solution neutralises the basic one is that the hydroxyl ions 
from the solution of base combine with the hydrogen ions from the 
solution of acid to give water . This does in fact correspond to what 
actually takes place. The solution formed is neutral, showing that 
both the hydroxyl ions from the solution of base and the hydrogen 
ions from the solution of acid have disappeared. On the other hand, 
the sodium ions from the sodium hydroxide and the chloride ions 
from the hydrochloric acid remain unchanged throughout the 
reaction. 

If we wish to emphasise the fact that the hydrogen ions are 
actually hydroxonium ions, the reaction must be written 

The neutralisation of hydrochloric acid by sodium hydroxide 
takes place instantaneously (as far as we are able to observe). This 
shows that the hydrogen ion (the hydroxonium ion) and the hydroxyl 
ion combine very rapidly. They also combine almost completely, as 
would be anticipated from the fact that water is an extremely weak 
electrolyte (see p. 97). Their combination only stops when the 
product of the molar concentration of hydrogen ions (c H +) and the 
molar concentration of hydroxyl ions (c 0 h-) reaches the low value 
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of 10~ 14 . This figure can be arrived at in different ways : thus as 
previously stated (p. 98) the electrical conductivity of pure water 
leads to the values c H + = 10~ 7 , c 0H - = 10” 7 , and hence [c H + ] [c 0 h“] 
= 10 “ 14 . 

In all aqueous solutions there is chemical equilibrium between 
the undissociated water molecules on the one hand and the hydrogen 
and hydroxyl ions on the other hand. As will be shown later (p. 150), 
this means that the product of the hydrogen ion concentration (c H +) 
and the hydroxyl ion concentration (c 0 h~) has the same value in all 
dilute aqueous solutions at the same temperature , e.g ., at room tempera¬ 
ture we always have 

[PH+] [COH-] - 10- 14 . 

The value of the product [c H +] [c 0H ~] is called the ionic product of 
water. If the product of the hydrogen ion concentration and the 
hydroxyl ion concentration in an aqueous solution momentarily 
exceeds this value, the excess ions will immediately combine to 
form water (as in the process of neutralisation). Similarly, if the 
product of the two concentrations is momentarily less than 10~ 14 , 
more water molecules will dissociate to give hydrogen and 
hydroxyl ions. 

The value of the ionic product varies considerably with the tempera¬ 
ture. Exact values are 10” 14 ' 93 at 0°, 10- 14 * 22 at 18°, 10 -13 ' 98 at 25°, 
10 ~ 12 ’ 29 a t 100°. These values only apply strictly to very dilute solu¬ 
tions. The value also depends on the salt content, e.g., at 18° it is 10~ 14 * u 
in 0-1M NaCl and 10~ 13 * 99 in 1M NaCl. 

The Scale of Acid and Alkaline Reaction. There is no sharp 
distinction between acid, neutral and alkaline solutions. The more 
sensitive test we employ for hydrogen ions, the greater number of 
solutions will he classed as acid, while the more sensitive the test 
used for hydroxyl ions, the more solutions will be termed alkaline. 
If the presence of even the smallest quantity of hydrogen ions was 
taken as the criterion of an acid reaction, and the presence of the 
smallest quantity of hydroxyl ions as the criterion of an alkaline 
reaction, then every aqueous solution would have to be regarded as 
both acid and alkaline, since owing to the dissociation of water both the 
hydrogen and hydroxyl ions must always be present. (Owing to the 
constant finite value of the product [c H +] [c 0 h~] neither c H +nor c 0 h~ 
can ever become zero.) We can, however, take as our dividing line a 
solution in which Ch + and Cqh - are equal, and hence at room tem¬ 
perature must each be equal to 10~ 7 (taking the value 10“ 14 for the 
ionic product). Such a solution is termed exactly neutral. If c H + is 
much larger than 10" 7 , c 0 h~ must be correspondingly smaller than 
10“ 7 . The hydrogen ions will therefore predominate, and the 
solution is acid. Tor example, in a 1M solution of a strong 
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monobasic acid (e.g., hydrochloric acid) c H + = 1 and c 0 h- = about 
If Ch+ is much smaller than 10~ 7 , c 0 h“- be corre¬ 
spondingly larger. The hydroxyl ions will therefore predominate, 
and the solution is alkaline. In a 1M solution of sodium hydroxide 
c 0H - = 1 and Ch+ = about 10~ 14 . 

The acid or alkaline reaction of aqueous solutions may be expressed 
quantitatively by giving the hydrogen ion concentration. The 
hydroxyl ion concentration can be calculated if required from the 
hydrogen ion concentration and the ionic product of water. It has 
proved convenient to express both acid and alkaline reactions in 
terms of the same quantity (c H +). Ch+ acquires very small values in 
weakly acid and especially in alkaline solutions, and must thus 
be written with high negative powers of ten (up to 10 -14 ). It is 
much more convenient to specify the negative logarithm of c H +, 
which is represented by the symbol pH, and defined by the equation 

pH = — log 10 c H +, c H + = 10-*=. 

This quantity pH is sometimes called the hydrogen ion exponent . 

The following table illustrates the use of c H + and pH for solutions 
of acids and bases of widely varying concentrations. 



C H + * 

; pH. 

1 normal HC1 .... 

10 ° (=1) 

\ 

0 

01 „ „ .... 

10- 1 

1 

0-01 „. 

10- 2 

2 

0-001 .. 

10- 3 

3 

0-0001 „ . . . . 

10- 4 

4 

0-00001 „ .... 

10- 5 

5 



C OH - 

C H + * 

pH. 

1 normal NaOH . 

10° (=1) 

10-u 

14 

0-1 .. „ • 

10- 1 

10-13 

13 

0-01 „ „ . 

10- 2 

10- 12 

12 

0-001 „ „ 

10-3 

10- 11 

11 

0-0001 „ „ 

10- 4 

10-!0 

10 

0-00001 „ 

10- 5 

10-® 

9 


In neutral solutions pH is in the neighbourhood of 7. In a 1-molar 
solution of a strong monobasic acid pH — 0. In still more concen- 









ACIDIC AND BASIC REACTION 


103 


trated acid solutions pH can assume negative values, though it is 
rarely convenient to specify pH values for such strongly acid 
solutions. In alkaline solutions pH is greater than 7; e.g., in a 
1-molar solution of NaOH pH is about 14. If we confine ourselves 
to solutions ‘more dilute than 1-normal, the pH scale in water 
extends from 0 to about 14. The further pH is removed from the 
value 7, the more markedly acid or alkaline the solution will be. If 
ch+ increases by a factor of 10, pH decreases by 1 unit, and a doubling 
of c H + corresponds to a decrease of about 0*3 units in pH (more 
exactly, log 10 2 = 0*30103). The scheme below shows the relation 
between the different ways of expressing acid or alkaline reaction. 
The figure shows that there is no range of values of c H + or pH which 
can be strictly termed neutral, though the term is often used 
loosely for solutions having a pH fairly near to 7. 

neutral 


pH 

c H + 1 10- 4 10" 7 10- 10 10- 14 

10- 14 10" 10 10 " 7 10- 4 1 

Colorimetric Determination of Hydrogen Ion Concentration. The 

hydrogen ion concentration (or pH) of a solution can be determined 
colorimetrically by observing the colour of a suitable indicator 
substance in the solution. Thus a solution which colours litmus dis¬ 
tinctly red has a pH of less than 6 (i.e., a hydrogen ion concentration 
greater than 10~ 6 ), while a solution which colours litmus distinctly 
blue has a pH value greater than 8 (i.e., a hydrogen ion concentration 
less than 10" 8 and a hydroxyl ion concentration greater than 10" 6 ). 
In the pH interval 6-8 the colour of litmus is between blue and red, 
and changes with the pH value. Phenolphthalein is colourless in 
solutions of pH lower than 8 and intensely red in solutions more 
alkaline than pH 10. In the interval 8-10 its colour changes con¬ 
tinuously from colourless to red. The different indicators used 
change colour in different pH ranges, as shown by the following 
table:— 

A solution can very well have an acid reaction towards one 
indicator and an alkaline reaction towards another. Thus any 
solution of pH between 4*4 and 8*3 will be alkaline to methyl 
orange but acid to phenolphthalein. 

In determining the hydrogen ion concentration of a solution 
colorimetrically, an indicator is chosen which is in its region of 
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Colour in 
acid solution. 

Colour in 
alkaline 
solution. 

pH range in 
which colour 
changes. 

Thymol blue (1st change) 

red 

yellow 

1 -2-2-8 

Tropseolin O.O. . 

red 

yellow 

2-3 

Methyl orange 

orange 

yellow 

3T-4-4 

Bromphenol blue . 

yellow 

blue 

3-0-4-6 

Congo red . 

blue 

red 

4r-5 

Methyl red . 

red 

yellow 

4-4-6-0 

Bromcresol violet 

yellow 

purple 

S-2-6-8 

Bromthymol blue 

yellow 

blue 

6-0-7-6 

Litmus 

red 

blue 

6-8 

Neutral red 

purple 

yellow 

6 -8-8-0 

Phenol red . 

yellow 

red 

6-8-8-4 

Turmeric 

yellow 

brown 

8-9 

Phenolphthalein . 

colourless 

red 

8-3-10 

Thymol blue (2nd change) 

yellow 

blue 

8-0-9-6 

Cresolphthalein . 

colourless 

red 

8-2-9-8 

Thymolphthalein 

colourless 

blue 

9-3-10-5 

Alizarin yellow G.G. 

colourless 

yellow 

10-12 


colour change in the solution to be investigated. The same solution 
is added to a series of standard solutions 
having known pH values. The required 
pH value is then equal to the value in the 
standard solution in which the indicator has 
the same colour as in the solution investi¬ 
gated. The method requires a series of 
standard solutions having known hydrogen 
ion concentrations (see p. 120). 

The Electrometric Determination of 
Hydrogen Ion Concentration. If a platinum 
electrode is immersed in an aqueous solution 
and a little quinhydrone added, the com¬ 
bination is termed a quinhydrone electrode. 
(Quinhydrone is an organic compound hav¬ 
ing the formula C 6 H 4 0 2 . C 6 H 6 0 2 .) By com¬ 
bining two such electrodes, a galvanic cell 
is formed. The two electrodes are usually 
connected (see Fig. 12) through a glass 
tube containing a solution of potassium 
chloride stiffened with agar (a kind of gelatine). The electromotive 
force of the cell (E) can be measured by means of a suitable circuit, 



Fig. 12.—Cell composed 
of two quinhydrone 
electrodes. A—leads to 
apparatus for measur¬ 
ing E.M.F. B—siphon 
filled with KC1 in agar. 
C—platinum electrodes. 
D—solution of known 
p H . E — solution of 
unknown p n . 
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and its value is found to depend on the hydrogen ion concentrations 
of the two solutions. If the two solutions have the same hydrogen 
ion concentration, E = 0. If the two solutions have pH values 
(pH) x and (pH) 2 , then the electromotive force (E.M.F.) of the cell 
at 18° is given by the equation 

E = 0*0577 {(pH) x - {pH) 2 } volts. 

Thus if the pH of one solution is known, the pH of the other can be 
calculated by the formula 

(pH) 2 - (pH), - E/0-0577. 

(E is here the potential of the electrode in the unknown solution 
relative to the electrode in the known solution, the sign being taken 
into account.) This method is much used nowadays for pH deter¬ 
minations, but it cannot be used in alkaline solutions, since quin- 
hydrone is destroyed in solutions having a pH greater than about 8. 

The quinhydrone electrodes can be replaced by hydrogen elec¬ 
trodes. In this case the platinum electrodes must-be platinised 
(i.e., covered with a layer of finely divided platinum black), and 
instead of adding quinhydrone, the solution and the electrodes 
must be kept saturated with hydrogen. A cell made up from two 
hydrogen electrodes has an electromotive force which is determined 
by the hydrogen ion concentrations of the two solutions and is 
given by the same formula as for the quinhydrone electrodes. The 
hydrogen electrode can be used in both acid and alkaline solutions, 
and is quite as reliable as the quinhydrone electrode, but is less 
convenient and slower to work with. 

The Application of Quantitative pH Estimations. The introduc¬ 
tion of a quantitative measure for the acid or alkaline character of 
a solution has proved of great value in both pure and applied 
chemistry. In many operations of analysis or preparation a speci¬ 
fied pH value is much preferable to a mere statement that the 
solution should be acid, neutral or alkaline. In agriculture and 
forestry the acidity of the soil is specified by the pH value of an 
aqueous extract. In medicine and physiology much information 
can be obtained from the pH of blood, urine, gastric fluid, etc., 
under normal and pathological conditions. In bacteriology the 
growth of bacteria is studied at different pH values. In the manu¬ 
facture of beer, leather, sugar, etc., the quality of the product 
depends very much on the value of pH at different stages of the 
processes. 

The Hydrogen Ion Concentration of Salt Solutions. The salts 
derived from sodium, potassium, calcium, barium and magnesium 
and strong acids give solutions in water which are neutral (pH = 
about 7). However, not all salts give neutral solutions, owing to 
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two circumstances. In the first place, some salts contain ions 
which can split off hydrogen ions. In the second place, salt solutions 
may acquire either an acid or a basic reaction by hydrolysis , i.e., the 
reaction of the ions with water to give hydrogen or hydroxyl ions. 
This may be illustrated by some examples. 

Sodium hydrogen sulphate (Na + . HS0 4 ~) has a strongly acid reac¬ 
tion in aqueous solution, since the anion splits off considerable 
quantities of hydrogen ions, 

hso 4 --*h+ + so 4 -. 

Many (though not all) acid salts of polybasic acids have an acid 
reaction in solution for the same reason (e.g., Na+ . HS0 3 ~ ; Na+ . 
H 2 P0 4 -). 

Ammonium salts also have an acid reaction in solution (unless 
derived from extremely weak acids). This is because the ammonium 
ion has a small tendency to split off hydrogen ions, 

nh 4 +->nh 3 + h+ 

In this case it is the cation which provides the hydrogen ions. 

Aluminium salts also give acid solutions. In a 1M aluminium 
chloride solution pH is about 2*5. This may be explained either 
by the reaction of some of the aluminium ions with water (hydrolysis), 

A1+++ + H 2 0 A10H++ + H+, 

or, taking into account the hydration of the aluminium ion to the 
hexa-aquoaluminium ion, A1(H 2 0) 6 +++ , by the reaction 

Al(H 2 0) 6 +++-> A1(H 2 0) 5 0H++ + H+. 

The second explanation is quite analogous to the case of the ammo¬ 
nium salts, i.e., the loss of a hydrogen ion by a cation. The salts of 
most heavy metals give slightly acid solutions for the same reason. 

An alkaline reaction usually occurs with the salts of weak acids. 
Thus acetates usually react slightly alkaline {e.g., in 1 M sodium 
acetate pH = about 9). This is due to the fact that a small amount 
of the acetate ions is hydrolysed by the water, giving acetic acid 
and hydroxyl ions, 

CH 3 COO- + H 2 0 CHgCOOH + OH". 

A much stronger alkaline reaction is obtained with carbonates 
( 1 M sodium carbonate has pH about 12 ). The carbonate ions react 
with water to a much greater extent than the acetate ions, 

CO 3 s * + H 2 0 -> HC0 3 - . + OH-. 

Solutions of sodium sulphide ( 2 Na + . S“) and trisodium phosphate 
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( 3 Na+ , P0 4 s ) have a very strongly alkaline reaction, the mechanism 
being similar, 

s= + h 2 o->hs~ + oh- 

P0 4 s + H 2 0 HPOr + OH” 

Sodium bicarbonate (Na+ . HC0 3 ”) has a slightly alkaline reaction 
(pH — about 8 in 1 M solution). The tendency of the HCO^ ion to 
form hydroxyl ions by the reaction 

HC0 3 ” + H 2 0 H 2 C0 3 + OH” 

outweighs its tendency to give hydrogen ions, 

HC0 3 ”->C0 3 = + H+ 


Acids and Bases 

According to the ionic theory an acid is defined as a substance 
(molecule or ion) which can split off hydrogen ions : conversely, a 
base is defined as a substance (molecule or ion) which can combine 
with hydrogen ions. In this connection the term hydrogen ions 
refers to the unhydrated hydrogen ion, i.e., the proton (see p. 91). 

The greater tendency a substance has to split off hydrogen ions, 
the stronger acid it is. The greater the tendency of a substance to 
combine with protons, the stronger base it is. 

When‘an acid loses a hydrogen ion, a base is formed, and when 
a base combines with a hydrogen ion, an acid is formed. 

Acid ^ Base + H + . 

An acid and a base which can be interconverted in this way by the 
loss or gain of a proton are termed a corresponding pair. The stronger 
an acid is, the weaker its corresponding base must be. 

These definitions will be further developed and illustrated in the 
following sections. It should be noted that they do not correspond 
entirely to the earlier usage of the terms acid and base. The defini¬ 
tions given include all substances formerly termed acids and bases, 
but also extend these terms to molecules and ions which were not 
called acids and bases in the older terminology, although their 
acidic and basic properties have been long recognised. 

Acids. Hydrogen chloride (HC1), acetic acid (CH 3 COOH) and 
hydrogen sulphide (H 2 S) are acids, since their solutions in water 
have an acid reaction, and hence contain hydrogen ions. As pre¬ 
viously stated, the hydrogen ions actually present in aqueous 
solutions are hydroxonium ions, H 3 0 + . This ion is formed when 
the acid gives up a proton (H + ) to a water molecule. The stronger 
an acid is, the more protons it will give up to the water molecules, 
and the more H 3 0+ ions the resulting solution will contain. 

If equally concentrated solutions of the above three acids are 
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prepared, their hydrogen ion concentrations ( i.e . hydroxonium ion 
concentrations) will decrease from hydrogen chloride to hydrogen 
sulphide (see Table on p. 95). Their strengths as acids therefore 
decrease in the same order. Water is also an acid, since it dissociates 
to give the ions H 3 0 + and OH~, though its very small degree of 
dissociation shows that it is a very weak acid. Hydrogen compounds 
which have weaker acidic properties than water (e.g., alcohol, 
C 2 H 6 0) are commonly described as neutral substances, though they 
should, strictly speaking, be classed as extremely weak acids. The 
term acid is generally used only for those hydrogen compounds 
which lose hydrogen ions more readily than water does, and hence 
exhibit their acid nature when dissolved in water. 

All the above acids consist of uncharged molecules. There are, 
however, many ions which possess the power of splitting off hydrogen 
ions, and are thus adds. For example, the following anions are 
acids: HS0 4 ", H 2 P0 4 ~, HP0 4 = , HC0 3 ~ (see p. 106). An anion 
acid of this kind can be derived from any unchanged polybasic acid 
by the loss of a portion of the acid hydrogen. An example of a 
cation acid is provided by the ammonium ion , 3STH 4 + , which can lose 
a hydrogen ion with the formation of ammonia. Since solutions of 
ammonium salts only have a weakly acid reaction (see p. 106), we 
may conclude that the ammonium ion is a weak acid. In the same 
way, the acid reaction of aluminium salts may be attributed to the 
acid nature of the ion Al(H 2 0) 6 + " { ' + . 

By far the most important cation acid is the hydrated hydrogen 
ion, or hydroxonium ion , H 3 0 + , which is present in all acid aqueous 
solutions. It readily gives up its proton, e.g., to hydroxyl ion, 
acetate ion, or ammonia, and is thus quite a strong acid. It is, 
however, formed in large quantities by dissolving hydrochloric, 
nitric and sulphuric acids in water, e.g., 

HC1 + H 2 0 -> H 3 0 + -f Oh, 

thus showing that it is weaker than these strong acids. 

To distinguish them from cation acids and anion acids, un¬ 
charged acids are often termed neutral acids. (In the old nomen¬ 
clature the term acid was only used for neutral acids.) They can 
be prepared as pure substances containing only neutral acid mole¬ 
cules. On the other hand, substances containing an anion acid or 
a cation acid must always contain simultaneously ions of the 
opposite sign to neutralise the electric charge. Thus the anion acid 
HS0 4 ~ can only be obtained in the form of a hydrogen sulphate 
(e.g., Ha + . HS0 4 - ) containing a cation. Similarly, the ammonium 
ion is only available in the form of ammonium salts (e.g., NH 4 + . Cl”) 
containing an anion. 
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Bases. In the introduction (p. 8) we have described bases as 
substances which dissolve in water to give an alkaline solution and 
which can neutralise acids. If a substance B has the power of 
combining with protons, on dissolving in water it will take protons 
from the water molecules with the formation of hydroxyl ions, 

b + h 2 o~>bh+ + oh- 

The solution will therefore have an alkaline reaction. A substance 
of this kind will also be able to remove hydrogen ions from an acid, 
thus neutralising it, e.g ., 

B + CH3COOH BH+ + CH 3 COO~. 

acetic acid acetate ion 

The definition of a base as a substance (neutral molecule or ion) 
which can combine with hydrogen ions (protons) thus agrees well 
with our previous description of the properties of a base. The 
greater tendency a substance has to remove hydrogen ions from 
other substances, the stronger it is as a base. 

The hydroxyl ion , OH~ is a very strong base according to this 
definition. It has a very great tendency to remove a hydrogen ion 
from other substances with the formation of water. Even acids as 
weak as hydrogen sulphide and the ammonium ion, which do not 
easily lose a proton, will give it up to the hydroxyl ion, 

h 2 s + oh~->hs- + h 2 o 

HS- + 0H-->S~ + H 2 0 
NH 4 + + OH- NH 3 + H 2 0 

All hydroxides which dissociate in aqueous solution giving 
hydroxyl ions thus possess basic properties. At one time the use 
of the term base was restricted entirely to basic hydroxides of this 
kind. The wider and more rational use of the term described here 
offers considerable advantages. 

The carbonate ion , C0 3 = , readily takes up hydrogen ions to form 
the ion HC0 3 ~“, and its basic strength approaches that of the hydroxyl 
ion. In a 0T molar solution of sodium carbonate (10-6 g. Na 2 C0 3 
per litre) several per cent, of the carbonate ions have reacted with 
water according to the equation 

COy= + H 2 0 -> HC0 3 - + OH-. 

The hydroxyl ion concentration thus produced is greater than 
0001N, and the pH of the solution is greater than 11. The carbo¬ 
nate ion is thus quite a strong base. The bicarbonate ion , HC0 3 ~, 
is also a base, since it will combine with H + to give carbonic acid, 
H a C0 3 . An aqueous solution of sodium bicarbonate (Na + . HC0 3 ~) 
is, however, only slightly alkaline (pH about 8), so that the bicarbo¬ 
nate ion is a much weaker base than the carbonate ion. On account 
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of the basic properties of carbonates, they are used widely for 
neutralising acids. In the laboratory carbonates are used for 
neutralising free acid : in agriculture calcium carbonate is used for 
neutralising acid soil, and in medicine sodium bicarbonate is used 
for neutralising acid in the stomach. 

The acetate ion , CH 3 C00~, is also a base. It combines with hydro¬ 
gen ions to give acetic acid. Its basic nature is further shown by 
alkaline reaction of acetate solutions (which turn litmus blue : see 
p. 106), and by the use of acetates to neutralise strong acids, 

CH3COO- + H3O+ CH3COOH + H 2 0. 

Sodium acetate is used in the laboratory for reducing the acidity of 
strongly acid solutions. 

All the bases so far dealt with are anion bases . Strictly speaking, 
all anions (and hence all salts) are bases, since they are all able to 
combine with hydrogen ions to give undissociated acid. Their 
tendency to do so varies, however, very much from case to case. 

Ammonia is an example of an uncharged or neutral base. The 
alkaline reaction of a solution of ammonia in water shows the power 
of ammonia to remove a proton from water, 

NH 3 + H 2 0 -> NH 4 + + OH- 

and it is the tendency of ammonia to combine with hydrogen ions 
which makes it able to neutralise acid solutions, 

NH 3 + H + —> NH 4 + , or better, 

NH 3 + H 3 0+ -> NH 4 + + H 2 0. 

Water is another neutral base, since it can combine with a proton 
to give the hydroxonium ion, 

H 2 0 + H+-»H 3 0ri 

Water is only a very weak base, since it is only able to remove a 
proton from strong acids, in which the protons are loosely bound. 

Ampholytes. Like a number of other substances, water is simul¬ 
taneously an acid and a base , since it can both lose and gain a proton, 

H 2 0 - H+ OH- H 2 0 + H+ H 3 Ori 
The bicarbonate ion offers another example of this type of behaviour, 
HCO3- - H+-> C0 3 “, HCO3- + H+ H 2 C0 3 . 

Substances of this kind are termed amphoteric electrolytes, or 
ampholytes. 

Corresponding Acids and Bases. As previously defined (see p. 107), 
if an acid A and a base B are related to one another by the scheme 

A = B + H+ 

they are said to be corresponding . 
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It is obvious that the stronger the acid is, the weaker the corre¬ 
sponding base will be. 

The following table shows a number of different pairs of corre¬ 
sponding acids and bases, arranged in order of decreasing acid 


strength and increasing basic strength. 

Acid. 

Corresponding base. 

HC1 (hydrogen chloride) . 

H 3 0 + (in solutions of strong acids) 
CH3COOH (acetic acid) . 

H 2 C0 3 (carbonic acid) 

NH 4 + (in ammonium salts) 

HC03~ (in bicarbonates) . 

H 2 0 (water). 

OH“ (in hydroxides) 

Cl“ (in chlorides) 

H 2 0 (water) 

CH 3 C00” (in acetates) 
H00 3 - (in bicarbonates) 
NH 3 (ammonia) 

CO 3 “ (in carbonates) 

OH“* (in hydroxides) 

0*“ (in oxides) 


The corresponding base to the acid hydrogen chloride is the 
chloride ion. Since hydrogen chloride is a very strong acid, the basic 
properties of the chloride ion are so feeble that they are undetectable 
in aqueous solution. It can, however, exhibit some basic properties, 
e.g., it can take hydrogen ions from strong sulphuric acid (cf. the 
preparation of hydrogen chloride from sodium chloride and sulphuric 
acid). 

The hydroxonium ion is a somewhat weaker acid, though still 
quite a strong one, and its corresponding base is the weak base 
water. The basic properties of water appear in its behaviour 
towards strong acids, which give up a proton to the water, forming 
hydroxonium salts, e.g., 


Acetic acid is a considerably weaker acid than hydroxonium ion. 
As previously mentioned, its corresponding base, the acetate ion , has 
quite distinct basic properties. 

The very strong base hydroxyl ion corresponds to the very weak 
acid water . The hydroxyl ion itself may also be regarded as an 
acid, though it is even weaker than water. Its corresponding base, 
the doubly charged ion 0 = , is so strong that it cannot exist in the 
free state in aqueous solution. 

Reactions between Acids and Bases. Since a proton cannot exist 
in the free state, an acid will only be able to lose its proton if a base 
is present which can combine with the proton. When such an 
exchange takes place, the acid and base are said to neutralise each 
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other, and the products of neutralisation will be a new acid and a 
new base. If the acid originally present is A x and its corresponding 
base is B x , while the base originally present is B 2 and its corre¬ 
sponding acid A 2 , then the process can be written 
Aj + Ba—> B x + A 2 , for example, 

H 3 0+ + NH 3 -> H 2 0 + NH 4 +. 

It is clear that this process will only take place to a great extent 
if A x is a stronger acid than A 2 , or (which comes to the same thing) 
if B 2 is a stronger base than B x . If A x and A 2 are equally strong, 
the change will take place to the extent of one-half, while if B 2 is 
considerably stronger than B x , the change from left to right will 
only take place to a small extent. 

Considering the table on p. 95, in which the acids and bases are 
arranged in order of strengths, an acid will only react to a very 
small extent (if at all) with bases which precede it in the table, 
while it will react more or less completely with bases which come 
after it. 

For example, acetic acid comes after Cl” and H 2 0, but before 
HCO3-, NH 3 , COjf 1 , OH - and 0 = . It will therefore not react with 
sodium chloride (Cl - ) to give hydrogen chloride and sodium acetate 
(CH 3 C00“), and it is only ionised in water to a small extent to 
CU 3 COO - and H 3 0 + . On the other hand, it will react with sodium 
bicarbonate (HC0 3 - ) and sodium carbonate (C0 3 ~) to give carbon 
dioxide, it reacts with ammonia to give ammonium acetate, and with 
sodium hydroxide (OH - ) and sodium oxide (0“) to give sodium 
acetate and water. 

The transfer of a hydrogen ion from an acid to a base takes place 
very rapidly, and in such a process equilibrium is always reached 
practically instantaneously. This fact is no doubt connected with 
the small size and simple structure of the proton (see p. 91). Much 
of the importance of acid-base reactions in chemistry depends upon 
their rapid nature. 

The so-called displacement of a weak acid by a strong one consti¬ 
tutes a special case of reactions between acids and bases. This 
process consists of the neutralisation of a neutral acid by the salt 
of a weak neutral acid, thus forming the salt of the stronger acid and 
liberating the weaker acid in a free state. Thus nitric acid and 
sodium acetate react to give sodium nitrate and acetic acid according 
to the equation 

HN0 3 + CH 3 COO- • CH 3 COOH. 

(The sodium ions, Na+, have been omitted, since they would appear 
on both sides of the equation.) This kind of process can be used 
for preparing salts of strong acids, though in order to obtain the 
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salt in a pure state it is necessary to remove the free acid liberated. 
If, however, the neutralisation is carried out with a salt of water, 
i.e., a hydroxide, then the weak acid formed is water itself and an 
aqueous solution of the salt is directly obtained. Thus, for example, 
nitric acid and sodium hydroxide give sodium nitrate and water. 
This circumstance is important in preparative work, which is partly 
responsible for the restriction of the term base to basic hydroxides 
in the old terminology and the consequent neglect of the basic 
properties of salts of other weak acids. 

Aqueous Solutions of Strong Acids and Bases. In aqueous solu¬ 
tions the hydroxonium ion occupies a unique position among acids, 
and the hydroxyl ion a unique position among bases. Thus we 
employ the concentrations of these two ions as a measure of the 
acid or alkaline reaction of aqueous solutions. The unique position 
of these ions depends upon the fact that they are formed from the 
molecules of the solvent (water) by the gain or loss of a proton. 
In solvents other than water no special position is occupied by 
hydroxonium or hydroxyl ions. 

When strong acids are dissolved in water they all react practically 
completely with the water molecules, forming hydroxonium ions. 
Similarly, all strong bases react practically completely to give 
hydroxyl ions. If. therefore, we have an aqueous solution of a strong 
acid, its tendency to lose protons (which we may term its acidity) is 
determined entirely by the tendency of the hydroxonium ion to 
give up protons, and is independent of the acidity of the original 
acid molecule. Analogously, in an aqueous solution of a strong 
base the tendency to take up protons (or the basicity) of the solution 
is determined entirely by the tendency of hydroxyl ions to take up 
protons, and is independent of the strength of the original base. 
The acid or allvaline nature of aqueous solutions thus gives no 
measure of the true strength of a strong acid or a strong base. 

If an aqueous solution of a strong acid (HG1, HN0 3 ) is neutralised 
with an aqueous solution of a strong base (NaOH, KOH), the 
reaction actually taking place is always the same (see p. 100), i.e., 


This explains the fact that the amount of heat evolved (the heat of 
neutralisation) when one gram-equivalent of a strong acid neutralises 
one gram-equivalent of a strong base (both in aqueous solution) 
always has the same value (13,700 cals.). If either the acid or the 
base is not strong the heat of neutralisation has a different value, 
since in this case a different process takes place. Thus if an aqueous 
solution of acetic acid (a weak acid) is neutralised with an aqueous 
solution of a strong base, the chief process taking place is 
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CH3COOH -f OH- -+ CH3COO- + H 2 0 
(neglecting the small amounts of hydrogen ion and acetate ion 
present in the acetic acid solution). Similarly, if aqueous ammonia 
(a weak base) is neutralised with an aqueous solution of a strong 
acid, the chief reaction is 

H 3 0+ + NH 3 H 2 0 + NH 4 + 

(neglecting the small amounts of hydroxyl ion and ammonium ion 
present in the ammonia solution). Finally, if acetic acid is neutra¬ 
lised with aqueous ammonia, the process is 

NH 3 + CH3COOH —^ NH 4 + + CH3COO-, 
neither hydroxonium ion nor hydroxyl ion taking any part. 

The Hydrogen Ion Concentration of Salt Solutions (cf. p. 105). 
The hydrogen ion concentration of a salt solution is determined 
by the acid or basic properties of the cation and anion. Sodium 
hydrogen sulphate (bisulphate, Na + . HS0 4 - ) and sodium dihydrogen 
phosphate (Na + . H 2 P0 4 ~) give an acid reaction because their anions 
are acids. Ammonium chloride (NH 4 + . Cl~) and aluminium chloride 
(A1(H 2 0) 6 +++ . 3C1~) give an acid reaction because the cations 
are acids. Sodium acetate (Na + . CH 3 COO”~), sodium carbonate 
(2Na+ . C0 3 = ), sodium sulphide (2Na + . S = ) and trisodium phosphate 
(3Na + . P0 4 “) give a basic reaction because their anions are bases. 
In ammonium acetate (NH 4 + . CH 3 COO~) the cation is a weak acid 
and the anion an equally weak base, so that a solution of the salt 
has a neutral reaction. Sodium bicarbonate (Na + . HC0 3 ") gives a 
solution with a slightly alkaline reaction. Its anion is both an acid 
and a base, but it is stronger as a base. Sodium hydrosulphide 
(Na + . SH”) behaves similarly, except that the basic nature of the 
SH“ ion is still more predominant. 

The Quantitative Definition of the Strengths of Acids and Bases. 
The concentration of hydrogen or hydroxyl ions in a solution of 
an acid depends not only on the quantity of acid present, but also 
on the amount of the corresponding base present. Thus a solution 
of acetic acid becomes less acid on adding sodium acetate, and an 
ammonium chloride solution changes from acid to alkaline reaction 
on adding ammonia. Especial interest attaches to a solution 
containing equivalent amounts of an acid and its corresponding base. 
The pH of such a solution is practically independent of the dilution. 
Thus a solution containing equivalent amounts of acetic acid and 
acetate ions has a pH of 4*75, and a solution containing equivalent 
amounts of ammonium ions and ammonia molecules a pH of 9*48, 
both these figures being independent of the amount of water added 
to the solutions. Such solutions can be equally well described as 
half neutralised acid solutions or half neutralised base solutions. 
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The hydrogen ion concentration of a half neutralised solution is an 
excellent quantitative measure of the strength of the acid and simul¬ 
taneously of the strength of the corresponding base . The more acid 
the solution (i.e., the lower its pH) the stronger is the acid and the 
weaker its corresponding base. The value of the hydrogen ion 
concentration (c H +) in the half neutralised solution is termed the 
dissociation constant of the acid, and denoted by the symbol K. 
The value of pH in the same solution is termed pK, the dissociation 
exponent of the acid, or the strength exponent of the acid-base pair. 
The two quantities are related by the equation pK = — log 10 K 
(cf. the equation pH = — log 10 c H +, p. 102). The value of K increases 
with increasing acid strength and decreases with increasing basic 
strength of the corresponding base. pK changes in the opposite 
direction to K. 

The values of K and pK can be used to predict quantitatively 
the state of an acid or base in solution, and they are therefore of 
great practical importance. The following table gives the values 
of the dissociation constant and dissociation exponent for a number 
of acid-base systems in water at 18°. In the case of polybasic acids 


Acid-base system. 

Name of acid . 

Dissociation 
constant of 
acid (E ). 

! Dissociation 
exponent 
— logm K. 

HC1 

^ci- 

4- H+ 

Hydrogen chloride 

about 10+ 7 

about —7 

HCIO 

#cio- 

+ H+ 

Hypochlorous acid 

about 10~ 8 

about 8 

h 3 o+ 

^h 2 o 

4 - H+ 

Hydroxonium ion 

55 

-1-74 

h 2 o 

v* OH- 

+ H+ 

Water 

1-07 XlO- 1 ® 

15*97 

OH- 

# 0 - 

+ H + 

Hydroxyl ion 

about 10~ 24 

about 24 

H 2 0 2 

H0 2 - 

+ H + 

Hydrogen peroxide 

2 x 10~ 12 

11-7 

h 2 s 

^HS~ 

4* H+ 

Hydrogen sulphide 

8 X 10-8 

7*1 

HS- 

s- 

+ H+ 

Hydrosulphide ion 

2 x 10 -15 

14*7 

h 2 so 3 

^ hso 3 - 

+ H+ 

Sulphurous acid 

1-7x10-* 

1*77 

hso 3 - 

^so 3 “ 

+ H+ 

Hydrogen sulphite ion 

5X10 - 6 

5*30 

h 2 so 4 

v* hso 4 - 

+ H + 

Sulphuric acid 

large 

negative 

hso 4 - 

^so 4 - 

4- H+ 

Bisulphate ion 

2 xl 0- 2 

1*7 

nh 4 + 

^nh 3 

4- H + 

Ammonium ion 

3-3 X10 - 10 

9*48 

hno 3 

^no 3 - 

4 - H+ 

Nitric acid 

large 

negative 

h 3 po 4 

^ h 2 po 4 “ 

4- H+ 

Phosphoric acid 

7-6 XlO - 3 

2*12 

h 2 po 4 - 

# hpo 4 - 

4- H+ 

Dihydrogen phosphate 

5-9X10-® 

7-23 

hpo 4 - 

^po 4 = 

4- H+ 

Monohydrogen phosphate 

3-5 XlO - 13 

12-46 

H 2 C0 3 (C0 2 ) 

^ HC 03 - 

4- H + 

Carbonic acid 

3-1X10-’ 

6-51 

HCOjT 

^ co,- 

4- H+ 

Bicarbonate ion 

4-fiX 10 - 11 

10-34 

ch 3 cooh 

# CH 3 C 00 - 

4- H* 

Acetic acid 

1 - 8 X 10- 5 

4-75 

HCN . 

v^CN- 

4- H+ 

Hydrogen cyanide 

7 XlO- 10 

9-2 

h 3 bo 3 

^ h 2 bo 3 - 

4- K+ 

Boric acid 

6 X 10- 10 

9-2 

Al(H a O) 6 +++ 

# A1(H 2 0) 5 0H++ 

+ 

Hexa-aquoaluminium ion 

1 -3 X 10-® 

4-9 

Fe(H 2 0) 6 +++ 

^Fe(H 3 0) 5 0H+++ H+ 

Hexa-aquoferric ion 

6-3 XlO" 3 

2-2 
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the strength is given for each successive acid hydrogen. Thus for 
sulphuric acid two dissociation constants are given corresponding 
respectively to the splitting off of a hydrogen ion from H 2 S0 4 and 
HS0 4 “, while for phosphoric acid the three stages correspond to the 
loss of a hydrogen ion by H 3 P0 4 , H 2 P0 4 ~ and HPO^. 

Calculation of the Ratio of Acid to corresponding Base as a Func¬ 
tion of pH. The dissociation constant of an acid can "be used to 
calculate its state in solution at any given pH. It must be remem¬ 
bered that in ordinary chemical analysis we usually determine the 
total amount of acid plus corresponding base in a given solution (e.g., 
CH 3 COOH + CH 3 COO = total acetic acid , NH 4 + + NH 3 = total 
ammonia , H 3 P0 4 + H 2 P0 4 ~ -f- HP0 4 ” ~f- P0 4 =: = total phosphoric 
acid). If the hydrogen ion exponent of the solution (pH) is exactly 
equal to the strength exponent of the acid-base system, then 
exactly one-half of the total acid will be present as acid, and the 
other half as the corresponding base. Thus when pH = 4*75, one- 
half of the total acetic acid is present as acetic acid molecules, 
CH3COOH, and the other half as acetate ions, CH 3 COO~. Similarly, 
at pH = 9*48, one-half of the total ammonia is present as ammo¬ 
nium ions, NH 4 + , and the other half as free ammonia, NH 3 . In 
more acid solutions (pH < pK) the acid form predominates, while in 
more alkaline solutions (pH>pK) the basic form predominates. 
In general the ratio between the molar concentrations of an acid 
A and its corresponding base B is given by the important equation 


ja __ £ep 
c b K 


a) 


This relation governs the equilibrium between an acid, its corre¬ 
sponding base and hydrogen ions, according to the equation 

A^B + H+, 


or, written more correctly with hydroxonium ions, 
A + H 2 O^B + H 3 OL 
By taking logarithms, equation (1) becomes 


log ~ = log c H + — log K = pK — pH, 
cb 


showing that if pH = pK, c A = c B , i.e. } the concentrations of acid 
and base are equal. Every time pH decreases by one unit the ratio 
c A /c B becomes ten times greater, while every time pH increases 
by one unit the ratio c A /c B becomes ten times smaller. 

Fig. 13 shows graphically how the total amounts of acetic acid, 
ammonia, phosphoric acid and carbonic acid are distributed between 
the various acid and base forms as pH varies from 0 to 14. The 
different areas in the diagrams (divided by the S-shaped curves) 
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correspond to the acids and bases whose formulae are written m 
them. If an ordinate is drawn corresponding to a given pH, the 
fractions of its length which lie in the different areas give the way 
in which the total amount of substance is distributed between the 
different forms. The ordinate for pH = 6 is drawn in all the 
diagrams in Fig. 13. The lengths of the segments into which the 


S-shaped curves divide this ordi¬ 
nate show that at pH = 6 5% of 
the total acetic acid is present as 
acetic acid and 95% as acetate 
ion. At the same pH practically 
all the ammonia is present as 
ammonium ion. Phosphoric acid 
is present as 94% dihydrogen 
phosphate ion (H 2 P0 4 ~) and 6% 
as monohydrogen phosphate ion 
(HPO^). 76% of the carbonic 
acid is present as free carbonic 
acid (H 2 C0 8 or C0 2 ) and the 
remainder (24%) as bicarbonate 
ion (HC0 8 ~). 

The ratios of the different forms 
are independent of the total amount 
of substance present, but vary 
somewhat with the temperature 
and with the concentration of ions 
( i.e ., the salt concentration). The 
figures in the table on p. 115, 
and the diagrams in Pig. 13 cor¬ 
respond to room temperature and 
solutions containing only small 
concentrations of ions. 




Fig. 13.—State of acids and bases 
at different pH values for acetic 
acid, ammonia, phosphoric acid 
and carbonic acid. 


The Hydrogen Ion Concentration 
in Solutions of Acids, If a weak 
acid A and its corresponding base 
B are simultaneously dissolved in 
water (e.g., acetic acid and sodium 
acetate or ammonium chloride and ammonia) the hydrogen ion con¬ 
centration can be calculated directly from the equation for the 
equilibrium of the acid-base system, 


Ca Ch+ 

c i> K 


(1) 


giving 


c h h- 


K—, or pH = pK - log 
c B r ^ c B 
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The dissociation of a weak acid according to the equation 
A + H 2 0 -> B + H 3 0+ . . . 

and the reaction of a weak base with water according to the equation 

B + H 2 0 —> A + OH~.(3) 

take place in general to such a small extent that the concentrations of 
the acid and the base are not appreciably changed c H + and c 0H - are 
much smaller than c A and c K ). c A and c B can thus be calculated directly 
from the amounts of acid and base dissolved. 

A solution of a pure acid presents a different problem. In this case 
the only base present is that formed from the acid by dissociation 
(equation (2) above). If the total concentration of acid (calculated from 
the amount dissolved) is c and its degree of dissociation is x, then we 
have 


C = C A + c B , C H + = C B == cx, c A = c(l— x). 


Putting these values in equation (1), we obtain the so-called dilution law 


cx 2 

1 — x 


= K 


(4) 


This quadratic equation determines how the degree of dissociation x 
varies with the total acid concentration c. x can be calculated from the 
value of K (see table on p. 115), and c H + is then given by 

Ch - 1 * — ca? .(5) 

Numerical Examples . Acetic acid is 1-33% dissociated into ions in 
0*1M solution, i.e., when c = OT, x = 0*0133. We thus have 

k= ° 1 * gy = °' 000018 = 1-8 x xo_6 - 


This value of K (also given in the table) can be used to calculate the 
degree of dissociation of acetic acid at any given acid concentration by 
putting in the appropriate value of c in equation (4). c H + and hence 
pH are then given by equation (5). The figures in the following table 
were calculated in this way. 


Dissociation of Acetic Acid in Water 


Molar concentration 
(*)• 

Degree of 
dissociation. 
%• 

c ji + 

(C£). 

pH 

(~ log 10 cx). 

1 ... 

0*42 

0-0042 

2*37 

0*1 . . 

1*33 

0-00133 

2*88 

0*01 

4*15 

0-000415 

3*38 

0*001 . 

12*5 

0-000125 

3*90 


Similarly, in an aqueous solution of ammonium chloride the dissocia* 
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tion of the ammonium ion into ammonia and hydrogen ions is governed 
by the equations 

c — c NH 4 + 4- c NHa , x — -» 

c o 

= K = 3-3 X lO- 1 ®. 

1 — x 

These equations were used to calculate the data in the following table :— 


The Acid Reaction of Ammonium Chloride in Water 


Molar concentration 
(<0. 

Degree of 
dissociation of 
NHi + , % 
(lOCte). 

C H + 

{CX) 

pH 

(— log cx). 

1 ... 

0*0018 

0*000018 

4*75 

0-1 ... 

0*0058 

0*0000058 

5-24 

0*01 

0*018 

0*0000018 

5-74 

0*001 . 

0*058 

0*00000058 

6-24 


The data in the above two cases correspond to the curves shown in 
Tig. 11, though in the second case the degrees of dissociation are too 
small to be visible in the figure. 

The Hydrogen Ion Concentration in Solutions of Bases. If a pure 
weak base B is dissolved in water it will react partly with the water to 
give hydroxyl ions and the corresponding acid A, 

B + H 2 0 -> A + OH-.(6) 

For a neutral base like ammonia this reaction is usually called dissocia¬ 
tion of the base, while for an anion base like acetate ion it is described 
as hydrolysis of the acetate. If x is the fraction of the total base which 
undergoes reaction (6) and c is the total concentration of base (calcu¬ 
lated from the amount dissolved), we have 


__ Qqh- 
Cb + c A 


Cqh~ _ 
c c 5 


or 


c 0 H“ = C A = cx, c B = C(1 — x). 

Introducing the ionic product of water, K Ha c (see P* 191), 

« , _ __ I^HaO 

Ca +--• 

c 0H - c * x 


Putting these values in equation (1), 


- K h--Q 
1 - x K 


(7) 


from which we can calculate x, and hence c oh -j c H + and pH. 

Numerical Examples. The following tables contain data for solutions 
of ammonia and sodium acetate, using the following constants : Ionic 
product of water K H20 = 10“ 14 ' 22 . Dissociation constant of ammonium 
ion K = 3*3 x 10~ 10 = 10~ 9 ' 48 . Dissociation constant of acetic acid 
K = 1-8 X 10- 5 - 10" 1 ' 75 . 
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Dissociation oj Ammonia in Water 


Molar concentration 
(«). 

Degree of 
dissociation, 

% (100 x). 

c on- 

(cx). 

pH 

(- log 

< W<*> >• 

1 ... 

0*42 

0*0042 

10*86 

0*1 .. . 

1*33 

0*00133 

10*35 

0*01 

4*13 

0*000413 

9*85 

0*001 . 

12*5 

0*000125 

9*33 


Hydrolysis of Sodium Acetate in Water 


Molar concentration 

(o). 

Degree of 
hydrolysis, 

% (100 x). 

C OH 

(cx). 

pH 

<- log 

(K Ha oM ). 

1 ... 

0*0018 

0*000018 

9*49 

01... 

0*0058 

0*0000058 

8*99 

0*01 

0*018 

0-0000018 

8*49 

0*001 . 

0*058 

0*00000058 

7*99 


The data in these tables correspond to the alkaline range of the 
curves in Fig. 13. 

Buffer Mixtures. A mixture of an acid A and its corresponding 
base B will always have a pH-value near the pK-value of the acid- 
base pair, even if the ratio between A and B changes considerably. 
Thus if there is 10 times as much A as there is B, pH will be pK — 1 
(see p. 116), while if there is 10 times as much B as there is A, pH 
will be pK + L (This is shown clearly in Fig. 13.) If, therefore, 
small amounts of strong acid or base are added to such a mixture, 
there will only be small changes in the ratio A : B and pH will remain 
in the neighbourhood of pK. Such a mixture thus possesses a kind 
of inertia towards both dilution and addition of other substances, 
which is the origin of the term “ buffer mixture.” A mixture of 
acetic acid and sodium acetate (pK = 4-75) acts as a buffer in the 
range pH = 4-6. A mixture of primary and secondary sodium 
phosphates (pK — 7*23) acts as a buffer in the range pH = 6-8. 
A mixture of ammonium chloride (NH 4 +) and ammonia (pK = 9*48) 
acts as a buffer in the range pH = 9-10. 

The use of suitable buffers is the only practical way of preparing 
neutral, weakly acid or weakly alkaline solutions of well-defined 
pH. This cannot be effected by making extremely dilute solutions 
of strong acids or strong bases, since very small amounts of carbon 
dioxide from the air, alkali from the glass or impurities in the 
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distilled water can affect the pH of extremely dilute solutions to an 
unpredictable extent. 

The following table gives prescriptions for preparing buffer solutions 
with round pH-values, using a series of standard solutions composed as 
follows :— 

A. N/10 hydrochloric acid. 

B. N/10 sodium hydroxide (free from carbonate). 

C. M/10 glycine (-KNHjCHaCOO-), which is also N/10 w.r.t. 

sodium chloride. 

D. M/15 secondary sodium phosphate (Na 2 HP0 4 ). 

E. M/15 primary potassium phosphate (KH 2 P0 4 ). 

E. M/20 borax (Na 2 B 4 0 7 ). 

G. N/10 secondary sodium citrate (Na 2 C 6 H 6 0 7 ), 


VH. 

1-04 

Solutions oj fixed pH-values 

A . 

. . . 10-00 c.c. + 

G. 

0-00 c.c. 

1*5 


. 7-77 „ 

+ 

2-23 „ 

2 


. 6-93 „ 

+ 

3-07 „ 

2*5 


. 6-45 „ 

+ 

3-55 „ 

3 


. 5-96 „ 

+ 

4-04 „ 

3*5 


. 5-31 „ 

+ 

4-69 „ 

4 


. 4-38 „ 

+ 

5-62 „ 

4*5 


■ 2-79 „ 

+ 

7-21 „ 

5 


B. 

. 0-39 „ 

+ 

G. 

9-61 „ 

5*5 

. . 

- 2-78 „ 

+ 

7'22 „ 

6 

• 

. 4-06 „ 


5-94 „ 

6*5 


E. 

. 6-86 „ 

+ 

D. 

314 „ 

7-0 

, 

. 3-90 „ 

+ 

6-10 „ 

7*5 

. 

. 1-60 „ 

+ 

8-40 „ 

8 


A. 

. 4-43 „ 

4~ 

F. 

5-57 „ 

8*5 


. 3-51 „ 

-f 

6-49 „ 

9 

• 

• 1-49 „ 

+ 

8-51 „ 

9*5 


B. 

. 2-03 „ 

4* 

F. 

7-97 „ 

10 

, . 

. 4-06 „ 

4- 

5-94 „ 

10*5 

• 

. 4-69 „ 

4 - 

5-31 „ 

11 


. 4-98 „ 

4- 

5-02 „ 

11-5 


B. 

. 5-07 „ 

-f 

c. 

4-93 „ 

12 


. 5-39 „ 

4~ 

4-61 „ 

12-5 

, , 

. 6-32 „ 

4~ 

3-68 „ 

13 

, . 

. 9-23 „ 

4~ 

0-77 
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Buffer mixtures play a very important part in nature. Thus, for 
example, the blood of a healthy human being always has a pH-value 
between 7-30 and 7*40. This constancy is maintained by the buffer 
action of various acid-base systems present in the blood. The most 
important of these are carbonic acid + bicarbonate ion, dihydrogen 
phosphate ion + monohydrogen phosphate ion, and acidic and basic 
forms of the protein. If the pH sinks to 6-5-7 (as in some diseases) 
if often proves fatal. 

The Theory of Indicators. A substance which is to be used as 
an indicator must have the properties of an acid-base system and 
its acid and basic forms must have different colours. In acid solution 
the indicator will be present in its acid form, while if the solution is 
made alkaline the indicator will change over into the corresponding 
basic form. The acid form of litmus is red, but on losing a hydrogen 
ion it changes into a blue basic form. Litmus changes colour (see 
p. 104) in the pH-range 6-8, so that the dissociation exponent (pK) 
of the acid form of litmus must be in the neighbourhood of 7. 

If any property of a substance changes when the substance 
changes from the acid to the basic form, this property will vary 
with the pH of the solution for pH-values in the neighbourhood of 
the pK of the acid-base system, just as the colour of indicators 
changes in a narrow pH-range. This explains why the pH-value 
often has a great effect on various properties, e.g ., the stability of 
substances, their behaviour on oxidation and reduction, and their 
catalytic power. 

The Solubility Eelatioxs or Electrolytes 

If we wish to obtain a solution of a salt (or better, of its ions), 
water is usually the most effective solvent . If a salt will not dissolve 
in water, it is as a rule useless to try other solvents, e.g., alcohol, 
ether or petrol, since they usually have a still smaller solvent action. 
In chemical analysis acids are very widely used for dissolving salts 
which are insoluble in water, e.g., carbonates and phosphates are 
dissolved in hydrochloric acid, sulphides in nitric acid, etc. In these 
processes, however, we are not dealing with a simple physical process 
of solution, since in these cases the salts react chemically with the 
acids, and the solutions formed do not contain the original salt or 
its ions. Thus a solution of calcium carbonate in hydrochloric acid 
contains calcium chloride (CaC0 3 + 2HC1 —> CaCl 2 + C0 2 + H 2 0) 
and a solution of cupric sulphide in nitric acid contains cupric nitrate 
(3CuS + 8HN0 3 3Cu(N0 3 ) 2 + 2NO + 3S + 4H 2 0). Ordinary 

chemical terminology does not distinguish sufficiently between the 
simple process of physical solution (as when we say that water is 
the best solvent for salts) and the more complicated processes of 
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solution involving chemical reactions (as in the solution of substances 
by acids). 

The special ability of water to dissolve salts is connected with its 
high dielectric constant (D = 80). A substance with a high dielectric 
constant has a great affinity for ions, and water may thus be termed 
an ionophilic (ion-attracting) solvent. This is shown not only by 
its power of dissolving salts, but also by the fact that weak electro¬ 
lytes are dissociated to a greater extent in water than in other solvents . 
The dielectric constant decreases in the series water (D = 80), 
alcohol (D = 26), ether (D = 4*2), benzene (D = 2*2). The 
power of these solvents to dissolve salts and to ionise weak electro¬ 
lytes also decreases in the same order. Alcohol can dissolve a number 
of salts, though to a much smaller extent than water. On the other 
hand, ether has practically no power of dissolving salts, and benzene 
none at all. The last two solvents may be described as ionophobic 
(ion-repelling). 

The Theory of Solubility Products. Provided no chemical action 
takes place, the solubility of un-ionised substances is rarely much 
changed by adding small quantities of other substances to the 
solvent., Thus the solubility of oxygen in water is only slightly 
altered by adding a little salt or sugar to the water. An addition of 
a few per cent, only alters the solubility by a few per cent. Similarly, 
the solubility of iodine in alcohol is not much altered by the addition 
of a little water. On the other hand, the solubility of iodine in 
water is greatly increased by the addition of iodides (I~ ions). As 
previously mentioned (p. 64), this is due to the combination of the 
iodine with iodides to give the readily soluble triiodides 
(I- + I 2 -*I 8 -). 

If, on the other hand, we investigate the effect of salts on the solu¬ 
bility of other salts , effects of much greater magnitude are frequently 
met with. This is best illustrated by an example. If we determine 
the solubility of potassium chlorate in water and in potassium 
chloride solutions of varying concentrations, it is found that the 
more potassium chloride is present, the less potassium chlorate is 
dissolved. Other potassium salts also decrease the solubility of 
potassium chlorate. It is found that the decrease in solubility 
produced by the addition of potassium salts follows the law that 
the product of the concentrations of potassium ion and chlorate ion has 
the same value in all saturated solutions . This product is called the 
solubility product and is denoted by Pkcio s > so that we have 


An aqueous solution saturated with potassium chlorate at 18° 
contains 59 g. per litre. Since the molecular weight of the salt is 
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122*56, the molar concentration is 59/122*56 = 048M. Each 
molecule of potassium chlorate dissociates into one potassium ion 
and one chlorate ion, so that the solubility product is (0*48) 2 = 0*23. 
If a solution having a potassium ion concentration of 1M is saturated 
with potassium chlorate we have c K + = 1, and hence c ci03 - = 0*23. 
The solubility of potassium chlorate in this solution is thus about 
one-half of what it is in pure water. 

Similar regularities are observed for other electrolytes. In 
general, the solubility of an electrolyte is decreased by the addition of a 
second electrolyte having an ion in common with the first. Further, 
in all saturated solutions of an electrolyte in the same solvent at 
the same temperature the product of the concentrations of the ions 
composing the electrolyte , the ionic product, has a constant value. 
This constant value is termed the solubility product of the electrolyte. 
If the ionic product in a solution is smaller than the solubility 
product, the solution is unsaturated. If the ionic product is greater 
than the solubility product, the solution is supersaturated. 

If the electrolyte contains more than two ions, the concentrations 
of all of them must be taken into account in calculating the solu¬ 
bility product. Similarly, if the formula of the electrolyte contains 
several ions of the same kind, the concentration of this species of 
ion must be raised to a corresponding power. For example, the 
solubility products of magnesium ammonium phosphate (MgNH 4 P0 4 ) 
and calcium phosphate (Ca 3 (P0 4 ) 2 ) must be written respectively as 

c Mg + + • Cnh*+ • Cpo 4 s - = PMgNH 4 P0* 

Cca + + • Cpo 4 “ = Pca 3 (PO*) 2 

Without attempting to enter into the theoretical explanation of 
the law of the solubility product, a few words may be added in 
explanation. Since the salts are present in solution as free cations 
and anions, it is natural that the degree of saturation of the solution 
will depend not on the concentration of the cation or anion alone, 
but on some function of both these concentrations. One of the 
simplest laws conceivable is that the degree of saturation should 
depend on the product of the concentrations, and this is the law 
actually found to hold in practice. 

The table on p. 125 gives the solubilities of a number of salts in 
water and the calculated solubility products. 

The law of solubility products only holds approximately. Thus 
calcium sulphate is rather more soluble in a solution of sodium chloride 
than in pure water, though according to the law it should have the 
same solubility. It is found in general that the ionic product of an 
electrolyte in its saturated solutions is not quite constant, but increases 
somewhat with the total concentration of ions in the solution irre- 
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•Salt. 

Molecular 

weight. 

Concentration of saturated 
solution at 18°. 

Solubility 
product at 
18°. P. 

g.p.i. 

moles p.l. 

KC10 3 

122-6 

59 

0*48 

0-23 

CaS0 4 

136-1 

2-04 

0-015 

2-25 Xl0 ~ 4 

BaS0 4 

233-4 

0-0023 

1-0 X 10 ~ 5 

1-0 X 10 ' 10 

AgCl 

143-3 

0-0014 

1-0 X 10 - 5 

1-0 x io- 10 

AgBr 

187-8 

0-00012 

0-64 X10 - 6 

0-4 X IO " 12 

Agl 

234-8 

0-000002 

1 X 10 ~ 8 

1 x io- 16 


spective of whether or not these ions are present in the solid electrolyte. 
Thus the solubility in solutions containing a large concentration of 
ions is always greater than the value calculated theoretically on the 
basis of experiments with solutions containing only a few ions. The 
law of solubility products is thus a limiting law which holds strictly 
only at infinitely small ionic concentrations, though it forms a useful 
guide even in solutions of high salt concentration. 

Analytical Precipitation Reactions. The solubility product has 
very small values for slightly soluble and so-called insoluble electro¬ 
lytes, e.g., for silver chloride its value is about 10 -10 . If the concen¬ 
tration of silver ions in a solution is raised to more than 10~ 2 = 0-01 
molar (e.g., by adding silver nitrate), then the solubility product of 
silver chloride will be exceeded if the concentration of chloride ion 
is only 10“ 8 molar, corresponding to 35-5 X 10~ 8 g. = 0*0004 mg. 
chloride ions per litre. Thus even amounts of chloride ion as minute 
as this will lead to the precipitation of silver chloride. The test for 
chloride with silver nitrate is thus much more sensitive than would 
be expected from the fact that a saturated solution of silver chloride 
in water contains 0*4 mg. of chloride ion per litre. It is, of course, 
impossible to make full use of the sensitivity of the test, since such 
small precipitates cannot be seen, but it is important to note that 
the addition of a small excess of silver salt will remove chloride ions 
very completely from solution. 

Before the idea of ions was introduced, the chemical equation 
for a chloride test could only he written down with a knowledge of 
which chloride was present and which silver salt was used. Thus 
in the case of sodium chloride and silver nitrate the equation 
would be written 

NaCl + AgN0 3 = NaN0 3 + AgCl, 
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while different equations would be obtained for other chlorides and 
other silver salts. According to the ionic theory, however, the same 
ionic equation applies to all these processes, independent of which 
chloride and which silver salt are involved. This equation is 


according to which the only change which takes place is that the 
chloride ion from one solution combines with the silver ion from the 
Other solution to give solid silver chloride. The remaining ions in 
both solutions (e.g., Na + , N0 3 “ etc.) take no part in the process. 
The test for chlorides with silver nitrate is thus actually a test for 
chloride ions with silver ions. Conversely, the test for silver salts 
with hydrochloric acid is actually a test for silver ions with chloride 
ions. The same point of view must be applied to our other analytical 
precipitation reactions. In all these tests the presence of one kind 
of ion is detected by adding a second ion, with which the first ion 
forms a salt of very low solubility product (e.g., Ag+ with Cl~, 
S0 4 s with Ba ++ , Ca ++ with 0204 s (oxalate ion), etc.). Ordinary 
analytical tests are thus not tests for definite salts , acids or metals , but 
are tests for definite ions : similarly , the reagent used in testing is also 
an ion . It is, of course, impossible to use as reagent a solution con¬ 
taining only the precipitating ion, since on account of the extremely 
large electric charges on ions (see p. 91) it is impossible to prepare 
a solution containing only positive or only negative ions. Thus for 
example a solution containing silver ions can only be obtained by 
using a solution of silver nitrate or some other soluble silver salt. 
The anions (e.g., nitrate ions) present serve to compensate the 
positive charge on the silver ions, but otherwise play no part in the 
process. 

The Solubility of Salts in Acids and Bases. It has been previously 
mentioned (pp. 78, 84) that many salts which are insoluble in water 
will dissolve readily in dilute hydrochloric or nitric acid. Thus the 
test for sulphate ions is made much more decisive by the fact that 
barium carbonate and barium phosphate are readily soluble in 
dilute hydrochloric acid, while barium sulphate is not. Similarly, 
in testing a solution with silver ions it is important to note that 
silver carbonate and silver phosphate are soluble in dilute nitric 
acid, while silver chloride is not. To illustrate the theory of this 
behaviour we shall consider the cases of calcium carbonate and 
calcium sulphate. 

Calcium carbonate (Ca + +. C0 3 = ) is very little soluble in water, 
its solubility product being about 10~ 8 . This means that large 
concentrations of calcium ions and carbonate ions cannot exist 
together in solution. If, however, a strong acid such as hydro- 
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chloric acid is added to the water, calcium carbonate will dissolve 
readily, since the carbonate ions formed when the salt dissolves 
combine with the hydrogen ions from the acid to give undissociated 
carbonic acid. The solution of large amounts of calcium carbonate 
thus gives rise to only very small concentrations of carbonate ions, 
and the solubility product is not exceeded. The equation for the 
process is 

CaC0 3 -f 2BU->Ca++ + H 2 C0 3 , 
or, since some of the carbonic acid is lost as carbon dioxide, 

CaC0 3 + 2H+ Ca++ + H 2 0 + C0 2 . 

Calcium sulphate (Ca ++ . S0 4 “) is also sparingly soluble in water, 
though it is much more soluble than calcium carbonate. Unlike 
the latter, however, it does not dissolve appreciably more easily in 
dilute hydrochloric acid than in water. This is due to the fact that 
the sulphate ion (unlike the carbonate ion) has only a very small 
tendency to combine with hydrogen ions, and is therefore not 
removed from solution by the addition of hydrochloric acid. The 
difference in the behaviour of calcium carbonate and calcium 
sulphate towards dilute hydrochloric acid can thus be referred to 
the fact that the carbonate ion is a strong base, while the sulphate 
ion is only weakly basic (see p. 115). 

In general we may say : salts which contain an ion with distinct 
basic properties {an ion-base) are more soluble in dilute acids than in 
pure water. The stronger the basic properties of the ion, the more 
the solubility will be increased by the addition of acids. 

The solubility of a salt in acid solutions depends partly on its 
own solubility product, and partly on how completely the acid 
reacts with the basic ion of the salt, thus removing it from solution. 
The latter process is determined by the acidic and basic strength of 
the acid and the ion-base respectively. 

All salts of weaJc acids contain an anion with distinct basic properties, 
and are therefore more soluble in dilute acids than in pure water . 
Thus all carbonates and phosphates are soluble in dilute hydrochloric 
and nitric acids. Similarly, the salts of the weak acid water, the 
hydroxides and oxides , are mostly soluble in dilute acids. Many 
sulphides insoluble in water will dissolve in dilute hydrochloric acid 
(ZnS, FeS, MnS), though others have such a low solubility product 
that they are soluble in neither water nor dilute hydrochloric acid 
(HgS, PbS, Ag 2 S, Bi 2 S y , CuS). The solubility of the last group of 
sulphides in nitric acid and aqua regia (nitric acid -f- hydrochloric 
acid) has nothing to do with the question dealt with here, but 
depends on the powerful oxidising properties of nitric acid. 

Silicates are the salts of the very weak silicic acid, and thus 
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contain the strongly basic silicate ion. They will therefore generally 
react with hydrochloric acid (like carbonates, phosphates, hydroxides, 
oxides and sulphides), e.g 

CaSiO 3 + 2 H+ -> Ca++ ■+ H 2 Si0 3 . 

In this case, however, a clear solution is not generally obtained, 
since the silicic acid formed is insoluble and will be precipitated. 
This is usually expressed by saying that the silicate is decomposed 
by the acid. Silver carbonate is also decomposed by hydrochloric 
acid, but is not dissolved, as insoluble silver chloride is precipitated. 

Ag 2 C0 3 + 2H + + 2C1- 2AgCl + H 2 0 + C0 2 . 

Similarly, barium phosphate is decomposed by sulphuric acid, 
barium sulphate being precipitated. 

Ba 3 (P0 4 ) 2 + 6 H+ + 3S0 4 = -> 3BaS0 4 + 2H 3 P0 4 . 

In all the examples given above it is the anion which has basic pro¬ 
perties. The heavy metals form many sparingly soluble “ basic ” salts 
in which the cation is a base, e.g., basic cupric sulphate, CuS0 4 .3Cu(OH) 2 , 
the structure of which is assumed to be Cu 4 (OH) 6 ++ . S0 4 ". These basic 
salts dissolve in dilute acids to give normal salts, their basic cations 
combining with hydrogen ions, e.g., 

Cu 4 (OH) 6 ++ + 6H+ -> 4Cu++ + 6H 2 0. 

By analogy, a salt containing anion with acid properties (e.g., NH 4 +, 
H 2 P0 4 ~, HP0 4 ”) must be more soluble in a solution of a base than in 
pure water. This phenomenon is not, however, of nearly so great 
importance as the behaviour of basic ions described above, since the 
action of the base usually leads to decomposition and not merely to 
solution. 

The Use of Ions in Chemical Equations 

The assumptions of the ionic theory introduce considerable 
modifications into our representation of chemical changes involving 
dissolved salts. We must now take into account the fact that all 
salt-like substances are present in solution as free ions and not as 
molecules. This point of view has been previously illustrated for 
several types of reaction (reactions between acids and bases, analy¬ 
tical precipitation reactions). The present section contains further 
examples chosen to illustrate the general kind of way in which the 
usual chemical equations must be modified. 

The liberation of bromine by passing chlorine into a solution of 
sodium bromide (see p. 63) must now be written 

2Na+ + 2Br~ + Cl 2 2Na+ + 201“ -f Br 2 , 
or, omitting the sodium ions on both sides of the equation, 

2Br“ + Cl 2 —> 2C1 - + Br 2 . 
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The process thus merely involves a transfer of the electrons on the 
bromide ions to the chlorine atoms. If bromine is liberated from 
any'other bromide, the process is just the same. 

The reaction between hydrogen sulphide and iodine was written on 
p« 77, as 

I 2 + H 2 S->2HI + S, 

but now becomes 

I 2 +H 2 S~> 2 H+ + 2 I- + S. 

It should be noted that the weak acid hydrogen sulphide is still 
written as an acid molecule, while the strong acid hydrogen iodide 
is written as ions. The equation thus indicates the formation of 
hydrogen ions, in agreement with the fact that the reaction actually 
leads to an increase in the acid reaction of the solution. If, as is 
usually the case, the iodine is dissolved in a solution of potassium 
iodide it is actually present as triiodide ions (I 3 ~). If we also take 
into account the fact that the hydrogen ions are actually present in 
the hydrated form as hydroxonium ions, the equation becomes 

I 3 ~ + H 2 S + 2 H 2 0 2 H 3 O+ + 31- + S. 

A still more complicated equation is obtained if we allow for the 
fact that the sulphur molecules formed have the formula S 8 . 

Since hydrogen chloride is a strong acid and hypochlorous acid a 
weak one, the hydrolysis of chlorine (see p. 59) should be written 

ci 2 + h 2 o -> m + ci- + Hcao, 

or, with hydroxonium ion, 

Cl 2 + 2H 2 0 -> H 3 0+ + Cl- + HCIO. 

The reaction between sodium and water (p. 47) corresponds to the 
ionic equation 

2Na + 2H 2 0 2Na+ + 20H- + H 2 . 

When the solution is evaporated down the sodium ions and the 
hydroxyl ions combine to give solid sodium hydroxide, 

Na+ + OK~->NaOH. 

If we wish to emphasise the ionic structure of the solid, we can write 
Na+ + OH- -> Na+ . OH~ 

When zinc dissolves in dilute sulphuric acid with the evolution of 
hydrogen (p .45 ), since sulphuric acid and zinc sulphate are both 
ionised, we write 

Zn + 2 H+ + S0 4 “ -> Zn++ + SO 4 - + H 2 , 
or, omitting the sulphate ions from both sides, 

Zn + 2H+->Zn++ + H 2 . 
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If we wish to emphasise the hydration of the hydrogen ion the same 
equation becomes 

Zn -Zn++ + 2H 2 0 + H 2 

This equation expresses the process which takes place when zinc 
dissolves in any strongly acid solution. It is not until the solution 
is evaporated that the zinc ions and the sulphate ions combine 
together to give solid zinc sulphate. The solid salt contains 7 mole¬ 
cules of water of crystallisation, so that we can write 

Zn++ + S0 4 “ + 7H 2 0 Zn++ . S0 4 ~ . 7H 2 0. 

When ferrous sulphide dissolves in dilute hydrochloric acid (p. 77) 
the total reaction is 

EeS + 2H 3 0+ + 2C1- Fe ++ + H 2 S + 2H 2 0 + 2C1" 

If we omit the chloride ions from both sides of the equation and 
ignore the hydration of the hydrogen ion the equation is 
FeS + 2H+ Fe-H- + 2H 2 S. 

The ferrous sulphide is used as a solid and must therefore not be 
written as Fe ++ + S". Moreover, it is very doubtful whether the 
solid has an ionic structure, so that there is no reason for writing it 
as Fe ++ . S-. 

Summary . In order to write the correct equation for a chemical 
process taking place in solution, all dissolved salt-like substances 
must be written as ions and any ions occurring on both sides of the 
equation deleted. On the other hand, all solid substances (even if 
they are salts) should be written as molecules. (The ionic nature of 
solid salts can be indicated if desired as in Na + . Cl“, Fe +_f . 2C1“, etc.) 
Substances which do not exist as ions (e.g., ammonia, water, hydro¬ 
gen, chlorine, bromine, iodine, oxygen, sulphur, etc.) must never be 
written in an ionic form. Even an acid like acetic acid should not 
be written in the form of ions, since its solution contains chiefly 
undissociated molecules. In general, each substance should be 
written in the form in which it is chiefly present. 

For the sake of simplicity the hydration of the hydrogen ion (and 
of other ions and molecules) is often ignored in writing chemical 
equations. It is also considered permissible to simplify an equation 
by writing an atom of an element in place of a molecule (e.p., S for S 8 , 
0 for 0 2 ,1 for I 2 or I 3 ~), though this should be done with discretion. 
In particular, if Avogadro’s hypothesis is to be used in any form, all 
substances must be written in their correct forms. 

THE NITROGEN GROUP 

The third group of non-metals comprises elements which are 
trivalent towards hydrogen (compounds of the type RH a ). Their 
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valency towards oxygen and the halogens varies, but has a maximum 
value of five (corresponding to the types R 2 0 5 and R01 5 ). The 
elements nitrogen , phosphorus and arsenic belong to this group, 
which derives its name from the most important of these elements. 


28. NITROGEN (N = 14*008) 

Occurrence. Free nitrogen forms the main constituent of the 
atmosphere, but occurs only to a small extent in a combined state 
in the earth’s crust. The only nitrogen mineral which occurs in 
large quantities is found in Chile, and is used for preparing Chile 
saltpetre , NaNO s . Small quantities of nitrogen compounds occur 
everywhere in the soil. Nitrogenous proteins form an essential 
constituent of all animals and plants ; and it is for this reason that 
coal contains a small quantity of nitrogen (about 1%). Chile salt¬ 
petre, the nitrogen in coal and atmospheric nitrogen constitute the 
raw materials for the technical preparation of nitrogen compounds. 

FREE NITROGEN 

Nitrogen, N 2 , in the free state is a colourless gas with two atoms 
in its molecule. It is very little soluble in water, and needs very 
powerful cooling to condense it to a liquid (boiling point — 194°). 

Chemical Properties . Compared with the halogens, oxygen and 
sulphur, nitrogen has only a small tendency to chemical reaction, 
though it can be made to react with a number of substances by 
heating to a high temperature. Thus it combines with the light 
metals at red heat to form nitrides, e.g ., with calcium 
3Ca + N 2 —> Ca 3 N 2 (calcium nitride). 

Calcium carbide absorbs nitrogen at red heat, forming calcium 
cyanamide , a substance which is used as a nitrogen fertiliser, 

CaC 2 +N 2 -> CaCN 2 + C. 
calcium carbide calcium cyanamide 

Nitrogen can also be made to combine with hydrogen and oxygen 
at high temperatures, though even under the most favourable 
conditions combination only takes place to a small extent. As an 
example of a reaction which gaseous nitrogen undergoes at ordinary 
temperatures, it may be mentioned that certain bacteria which live 
in the root-nodules of plants of the clover family are able to absorb 
nitrogen from the air and form nitrogen compounds. 

Nitrogen is prepared from liquid air, being separated from the 
oxygen by fractional distillation. Nitrogen prepared from air 
contains a little argon, but since argon is completely inert chemically, 
the chemical properties of the mixture are practically speaking 
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those of nitrogen. Completely pure nitrogen can be prepared from 
nitrogen compounds, e,g. 9 by passing ammonia over red-hot copper 
oxide, 

2 NH 3 + 3CuO N 2 + 3Cu + 3H 2 0, 
or by heating ammonium nitrite, 


THE HYDROGEN COMPOUNDS OF NITROGEN 

Nitrogen forms a number of compounds with hydrogen, of which 
we shall describe here ammonia, NH 3 , and hydrazine, N 2 H 4 . 

Ammonia, NH 3 , is a colourless gas with a characteristic sharp 
smell. It is readily liquefied by pressure (about 7 atmospheres), 
giving a liquid which boils considerably below 0° (—• 34°) and which 
absorbs a considerable amount of heat on evaporation. On account 
of these properties ammonia is a very suitable substance for use in 
refrigerators, in which a low temperature is produced by evaporating 
liquids obtained by compressing gases at ordinary temperatures. 
It is, however, difficult to avoid the unpleasant smell of ammonia, 
and for this reason carbon dioxide, sulphur dioxide or ether are 
often used in refrigerators, although their physical properties are 
hardly as suitable as those of ammonia. Ammonia can be oxidised 
to nitrogen and water, e.g., by hot copper oxide, as mentioned 
above, while sodium hypochlorite solution oxidises it at ordinary 
temperatures, 

2 NH 3 + 3NaC10 ^ N 2 + 3H 2 0 + 3NaCl, 
or written with ions, 

2NH 3 + 3C10- -* N 2 + 3H 2 0 + 3C1”. 

Ammonia can be prepared by warming gently a mixture of ammo¬ 
nium chloride and calcium hydroxide, 

2NH 4 C1 + Ca(OH) 2 CaCl 2 + 2NH 3 + 2H s O. 

The ammonia gas cannot be dried with concentrated sulphuric 
acid or with calcium chloride, since it combines with both these 
substances, but quick lime (CaO) can be used as a drying agent. 
Ammonia is obtained technically as a by-product in the manufacture 
of coal gas. It is nowadays also obtained in large quantities by 
direct synthesis from the elements. If a mixture of nitrogen and 
hydrogen is compressed to about 200 atmospheres and passed over 
a suitable catalyst at 500°-600°, up to 10% of the mixture will 
combine to give ammonia according to the equation 


The ammonia formed is condensed out as a liquid by cooling the 
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compressed gases, and the remainder of the mixture is again passed 
over the heated catalyst and used afresh (the Haber process). 

The Theory of the Ammonia Synthesis 

The formation of ammonia from nitrogen and hydrogen is a 
reversible process. If ammonia is heated to red heat it is largely 
decomposed to nitrogen and hydrogen. Provided we wait long 
enough for the formation or decomposition to cease, the same 
mixture of ammonia and its constituents is obtained whether we 
start with a mixture of nitrogen and hydrogen or with pure ammonia. 
The amount of ammonia present in the equilibrium mixture depends 
on the temperature and on the pressure. The following table gives 
the percentage ammonia formed in a mixture of three volumes of 
hydrogen and one volume of nitrogen (N 2 + 3H 2 ) at different 
temperatures and pressures. 


Formation of Ammonia in the Mixture 3 H % + N 2 



400° C. 

600° C. 

d 

o 

o 

O 

oo 

i,ooo o c. 

1 atmosphere 

0-9% 

o-i% 

0 -02% 

0 -01% 

10 

8 -2% 

0-9% 

0 -2% 

0 -1% 

100 

«% 

7-4% 

2 -2% 

0-9% 


The higher the pressure, the more ammonia is formed. In 
preparing ammonia it is therefore important to work at as high a 
pressure as the apparatus will stand. In the Haber process a pressure 
of 200 atmospheres is employed. On the other hand, the amount of 
ammonia in the equilibrium mixture decreases with increasing 
temperature, so that it is important to work at as low a temperature 
as possible. It is not practical however to use temperatures below 
500°-600°, since below 500° the velocity of the process is much too 
small (even with the most efficient catalysts) for economic working. 
If a much more efficient catalyst than those at present used could 
be found, it would be possible to work at temperatures below 500° 
and thus to increase the percentage yield of ammonia. 

Ammonia Solution. Ammonia is absorbed very rapidly by water. 
A solution saturated with ammonia at 18° and one atmosphere 
contains 36% of ammonia. All the ammonia can be expelled from 
the solution by boiling. The solution has an alkaline reaction, due 
to the fact that ammonia is a base and reacts with water according 
to the equation 

NH 3 + H 2 0 -> NH 4 + + OH- 
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However, only a small amount of the dissolved ammonia reacts 
according to this equation (about 0*3% in a 10% solution of ammo¬ 
nia : see also p. 120), the remainder being present as NH S . Ammonia 
is thus a weak, base . 

If hydroxyl ions ( e.g sodium hydroxide) are added to a solution 
containing ammonium ions, water and ammonia are formed. The 
reaction represented by the last equation is thus reversible. The 
equilibrium is established instantaneously, and the position of 
equilibrium is such that a solution of ammonia in water contains 
chiefly ammonia molecules. The table on p. 115 shows that the 
dissociation exponent for the system NH 4 + — NH 3 is 9*48. This 
means that in a solution of pH 9*48 one-half of the total ammonia 
will be present as ammonium ions and the other half as free ammonia. 
Eig. 13 (p. 117) shows the state of the solution at other pH values. 

Ammonia solution is used for cleansing, since on account of its 
alkaline reaction it acts in a similar manner to soda and soap. 

Ammonium Salts. Ammonia combines with acids to give salts 
without forming water . These salts contain the complexion NH 4 + (the 
ammonium ion) in place of a metal, and are termed ammonium salts. 
The number of ammonia molecules with which an acid molecule 
can combine is equal to the number of acid hydrogen atoms in the 
acid molecule, e.g., 

NH 3 + HC1-^NH 4 C1 
2NH 3 + H 2 S0 4 ~>(NH 4 ) 2 S0 4 

When aqueous ammonia solution is neutralised by acids, solutions 
of ammonium salts are obtained. 

Properties . Solid ammonium salts are crystalline substances 
with an ionic lattice structure. In aqueous solution they are split 
up into free ions. The ammonium ion is colourless, and ammonium 
salts are therefore also colourless (“white”) unless they contain a 
coloured anion. They have slightly acid properties, since the ammo¬ 
nium ion dissociates slightly in aqueous solution according to the 
equation 

NH 4 + + H 2 0 NH 3 + h 3 o. 

Solutions of ammonium chloride, ammonium sulphate and ammo¬ 
nium nitrate therefore have a slightly acid reaction (see p. 106), 
and will also give off a little ammonia on boiling. If the ammonium 
salt contains a basic anion, this will take up the proton from the 
ammonium ion: thus ammonium carbonate and ammonium 
sulphide in aqueous solution are dissociated to a considerable extent 
according to the equations 

2NH 4 + + C0 3 = -> NH 3 + NH + + HC0 3 - 
2NH 4 + + S" -> NH 3 + NH 4 + + HS- 



NITROGEN 


135 


and to a further small extent according to the equations 

NH 3 • HCO3- - * 2 NH 3 + C 0 2 + H 2 0 

3 j JLUUL4 -* -]- HS~- ► 2NH ft - 

These solutions therefore smell of ammonia (and of hydrogen 
sulphide in the second case): further, on boiling the solutions the 
salts eventually disappear complete]y as ammonia and carbon 
dioxide in the first place and as ammonia and hydrogen sulphide in 
the second place. 

Most ammonium salts are soluble in water, and in their genera 
solubility relations they resemble the salts of sodium and more 
closely those of potassium. They differ, however, from these (and 
from most metallic salts) by being readily volatilised on heating in 
a crucible over an ordinary gas burner. Ammonium salts derived 
from a non-volatile acid (e.g., ammonium phosphate) give off 
ammonia (and sometimes water) on heating, the non-volatile acid 
being left behind. 

The vaporisation of the ammonium salts on heating is always 
accompanied by some decomposition, the nature of which varies 
from case to case. The chloride is decomposed by heating to a few 
hundred degrees according to the equation 

NH 4 01->NH 3 + HC1. 

The vapours given off, consisting of ammonia and hydrogen chloride, 
combine again to give solid ammonium chloride on cooling. The 
salt can therefore be sublimed , and can be purified in this way. 
The decomposition of the chloride by heat is thus a reversible 
process. On heating the nitrate it decomposes according to the 
equation 

4 ^ v^3 — 7 - 2 V r 

nitrous oxide 

In this case the nitrous oxide evolved will not recombine with water 
on cooling to give ammonium nitrate : the salt therefore cannot be 
sublimed and its decomposition is irreversible. 

Ammonium salts and ammonia are formed in nature by the 
decay of proteins, urine and other nitrogenous organic matter. 

Preparation and Use. Ammonium salts are prepared commercially 
either from gas liquor, from gas works or from synthetic ammonia . 
Gas liquor is essentially a solution of ammonium carbonate. To 
prepare ammonia salts the gas liquor is boiled, and the vapours 
given off (which contain ammonia and carbon dioxide) are passed 
into a suitable acid, which absorbs the ammonia. 

By using sulphuric acid, ammonium sulphate ( te sulphate of 
ammonia ) is formed, which is used on a large scale as a nitrogen 
fertiliser. Nowadays ammonium sulphate is often prepared from 
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synthetic ammonia by a different process. Finely ground gypsum 
(CaS0 4 .2H a O) is treated with ammonia solution and carbon 
dioxide is passed in. 

CaS0 4 .2H 2 0 + 2NH 3 + C0 2 2NH 4 + + S0 4 = + CaC0 3 +H 2 0. 

The precipitated calcium carbonate is filtered off, the filtrate is 
evaporated down until it crystallises, and the ammonium sulphate 
is separated by centrifuging. 

Ammonia and nitric acid give ammonium nitrate , NH 4 N0 3 , which 
is used as a constituent of various explosives and nitrogen fertilisers. 

Hydrochloric acid and ammonia give ammonium chloride , NH 4 C1 
(commonly called sal-ammoniac), which is used in cough mixtures 
and throat pastilles. It is also used as a flux in soldering for removing 
the coating of oxide from the soldering iron. At soldering tempera¬ 
tures the ammonium chloride reacts with the oxide, e.g., 

CuO 2NH 4 C1CuCl 2 -f 2NH 3 + H 2 0. 

Commercial <e ammonium carbonate 99 is obtained by subliming a 
mixture of ammonium sulphate and calcium carbonate. 

This product might be expected to be normal ammonium carbonate, 
(NH 4 ) 2 C0 3 , formed by the reaction 

+ CaC0 3 . (NH 4 ) 2 C0 3 + CaS0 4 . 

Actually, however, a part of the normal carbonate loses ammonia, giving 
ammonium bicarbonate, , NH 4 HC0 3 , while the remainder loses water, 
giving ammonium carbamate, NH 4 C0 2 NH 2 , which is the ammonium 
salt of carbamie acid, HC0 2 NH 2 . On dissolving in water the ammonium 
carbamate gradually adds on water, forming ammonium carbonate. 

Ammonium carbonate can be used as a baking powder. On heating 
it gives off carbon dioxide which puffs up the dough, and ammonia 
which is absorbed. 

Ammonium Amalgam. In the ammonium salts the group 
NH 4 + behaves just like a metallic ion. It thus seems reasonable to 
suppose that the neutral radical NH 4 in the free state would have 
metallic properties. Although it has not proved possible to prepare 
the pure ammonium radical in a free state, an alloy of ammonium 
with mercury (an amalgam) has been prepared which has metallic 
properties. The action of sodium amalgam upon a solution of 
ammonium chloride produces a pasty mass which is undoubtedly 
ammonium amalgam, formed according to the following equation 
(Na, Hg) + NH 4 C1 -> (NH 4 , Hg) + NaCl. 

The formulae (Na, Hg) and (NH 4 , Hg) are here used to indicate any 
alloys of mercury with sodium and ammonium respectively, and 
not to represent their quantitative composition. 

Ammonium amalgam is very unstable. The ammonium it con¬ 
tains decomposes to ammonia and hydrogen a few minutes after 
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it is formed. The gases first form very small bubbles and inflate 
the amalgam to a very large volume, but these soon unite to form 
larger bubbles and the gases escape. 

Hydrazine, N B H 4 , is a colourless liquid with basic properties. 
Like ammonia, it forms salts with acids (hydrazonium salts) without 
splitting off water, e.g., 

N 2 H 4 + HC1->N 2 H 5 C1 
N 2 H 4 + 2HC1 N 2 H 6 C1 2 

In acid solutions it can thus combine with either one or two hydrogen 
ions, giving the ions N 2 H 5 + and N 2 H 6 ++ . Hydrazine is a powerful 
reducing agent, as it is easily oxidised to nitrogen and water. 

THE OXIDES OF NITROGEN 

Nitrogen forms three important gaseous oxides, nitrous oxide, 
N 2 0, nitric oxide, NO, and nitrogen peroxide, N0 2 . Two other 
oxides are known, N 2 0 3 and N 2 0 5 , which are chiefly of interest as 
being the anhydrides of nitrous acid and nitric acid respectively, 
N 2 0 3 + H 2 0 = 2HN0 2 
N 2 0 5 + H 2 0 = 2 HNO 3 

The five oxides of nitrogen form a series with steadily increasing 
oxygen content. This is seen most clearly when their formulae are 
all written with two nitrogen atoms, 

N 2 0 nitrous oxide 
2 NO = N 2 0 2 nitric oxide 

N 2 0 3 nitrogen trioxide 
2N0 2 = N 2 0 4 nitrogen peroxide 
N 2 0 5 nitrogen pentoxide 

Nitrous oxide, N 2 0, is a colourless gas prepared by heating ammo¬ 
nium nitrate 

NH 4 N0 3 ->N 2 0 + 2H 2 0. 

The gas is rather soluble in water, but can be collected over water. 
It has an anaesthetic action, and is often used in dentistry. When 
inhaled in small quantities it is said to produce an exhilarating 
effect, and is therefore known as 44 laughing gas.” The oxygen atom 
is more firmly bound in nitrous oxide than in the oxygen molecule. 
However, nitrous oxide contains a greater proportion of oxygen 
than air, and therefore supports combustion better than air. 

Nitric oxide, N0» is a colourless gas prepared by the action of 
moderately concentrated nitric acid (density about 1 * 2 ) upon copper. 
The copper reduces the nitric acid, forming nitric oxide together 
with a little nitrogen peroxide, water and cupric oxide, 

2HN0 3 + 3Cu = 2NO + H 2 0 + 3CuO. 
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The cupric oxide then reacts immediately with more nitric acid to 
give cupric nitrate and water, 

3CuO + 6HN0 3 = 3Cu(N0 3 ) 2 + 3H 2 0. 

The equation for the whole process is obtained by adding the two 
above equations, giving 

8HN0 3 + 3Cu = 2NO + 3Cu(N0 3 ) 2 • 4H 2 0. 

The intermediate product, cupric oxide, is eliminated by the addi¬ 
tion, and does not appear in the final equation. 

Properties. Nitric oxide is only slightly soluble in water, and can 
therefore be conveniently collected and stored over water. It 
forms with ferrous sulphate a dark brown soluble compound, which 
is so unstable that it is decomposed on warming the solution. It is 
this compound which is formed in the brown ring test for nitrates 
with ferrous sulphate and strong sulphuric acid. 

If nitric oxide is allowed to come into contact with air it imme¬ 
diately reacts with the oxygen to form reddish-brown vapours of 
nitrogen peroxide, N0 2 . 

2NO + 0 2 —2N0 2 . 

At higher temperatures this reaction does not go to completion, and 
the higher the temperature the less nitrogen peroxide is formed. At 
red heat no peroxide is formed : in fact, nitrogen peroxide is decom¬ 
posed completely into nitric oxide and oxygen at this temperature. 

If oxygen and water act simultaneously on nitric oxide, the final 
product is nitric acid, 

2NO + 30 + H 2 0 = 2HN0 3 . 

Nitrogen peroxide, N0 2 (N 2 0 4 ), is a very volatile yellow liquid 
which gives off reddish-brown poisonous vapours with an unpleasant 
smell. These vapours are readily absorbed by water, forming nitric 
acid and nitrous acid or nitric oxide (2N0 2 +H 2 0 —> HN0 3 +HN0 2> 
3N0 2 + H 2 0 —> 2HN0 3 + NO). It is prepared from lead nitrate, 
which on heating decomposes to nitrogen peroxide, oxygen and lead 
oxide, 

Pb(N0 3 ) 2 = 2N0 2 + 0 + PbO. 

If electric sparks are passed through air, a brown colour appears, 
owing to the formation of small quantities of nitrogen peroxide. 
This observation is the basis of the commercial manufacture of 
nitric acid and nitrates from the air by the BirJceland-Eyde process. 

The Theoey of the Synthesis of Oxides of Niteogen 

It has proved to be very difficult to make the constituents of air 
(nitrogen and oxygen) combine with one another. To discover the 
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most favourable conditions for synthesising oxides of nitrogen we 
must know how the affinity between nitrogen and oxygen varies 
with temperature and pressure, i.e ., how much nitric oxide is 
formed from nitrogen and oxygen at different temperatures and 
pressures, provided that we wait until formation has ceased and the 
system has reached equilibrium. Experiments have shown that if 
we start with a mixture of equal volumes of nitrogen and oxygen 
(N 2 -f- 0 2 ), 1% °f nitric oxide is formed at 2,000° and 5% at 3,000°, 
these amounts being independent of the pressure. 

Since the affinity between nitrogen and oxygen is thus indepen¬ 
dent of the pressure, but increases rapidly with increasing tempera¬ 
ture, we can conclude that in the synthetic manufacture of nitric 
oxide there is no reason to work at high pressures, but that high 
temperatures must be employed. It is, however, useless to raise the 
temperature too high, since above about 2,500° the velocity with 
which the equilibrium adjusts itself is so great that even with the 
most rapid cooling possible the state of equilibrium corresponding 
to 2,500° will be reached as the mixture passes this temperature 
while cooling. It is thus useless to heat to temperatures above 
2,500° : although more nitric oxide will be formed, the extra amount 
will inevitably be decomposed during cooling. It is only for tempera¬ 
tures below about 1,000° that the reaction velocity is so small that 
the nitric oxide formed is not decomposed at all. 

The problem in the synthetic preparation of nitric oxide is thus 
to heat the air to about 2,500°, and then to cool it to a temperature 
below 1,000° as rapidly as possible. This is done in practice by blow¬ 
ing a rapid stream of air past two electrodes, between which a 
powerful electric arc is passed. The air is heated to a very high 
temperature in the path of the spark, but immediately afterwards 
it cools to about 1,000° by giving up heat to the surrounding air. 
By using arcs of suitable size and frequency it has proved possible 
to obtain air containing up to 2% of nitric oxide. As the gases cool 
down from 1,000° to ordinary temperatures the colourless nitric 
oxide will combine with more oxygen to give brown nitrogen 
peroxide, which is seen when sparks are passed for some time 
through air in a closed space. 

THE OXY-ACIDS OF NITROGEN 

Only two of the oxy-acids of nitrogen are of much importance, 
nitrous acid, HN0 2 , and nitric acid, HN0 3 . 

Nitrous acid, HN0 2 , is an unstable compound only known in 
dilute solution. It readily decomposes to give nitric oxide and nitric 
acid, 


3HN0 2 = 2NO + HN0 3 + H 2 0. 
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Its salts are called nitrites. Sodium and potassium nitrites are 
formed by beating the corresponding nitrates, e.g. y 
NaN0 3 ~-^NaN0 2 + 0. 

This process is facilitated by the addition of lead, which combines 
with the oxygen to give lead oxide, PbO. A solution of ammonium 
nitrite decomposes on gentle warming into water and nitrogen (cf. the 
preparation of nitrous oxide from ammonium nitrate, p. 137), 

Nitric acid, HN0 3 , is a heavy colourless liquid. A mixture of 
32% water and 68% nitric acid has a higher boiling point than any 
other mixture of these two substances, and therefore distils over 
unchanged (like 20% hydrochloric acid : see p. 57). Commercial 
4 4 pure concentrated ” nitric acid has approximately this composi¬ 
tion. It often has a yellow colour, owing to slight decomposition 
according to the equation 

2HN0 3 = 2NO a + O + H 2 0. 

Fuming nitric acid is more concentrated (up to 100%), and is 
usually strongly coloured yellow by nitrogen peroxide. 

Preparation. Nitric acid is prepared by distilling sodium nitrate 
with strong sulphuric acid, 

NaN0 3 + H 2 S0 4 HNO a + NaHS0 4 

sodium hydrogen sulphate 

On mixing, the sulphuric acid immediately liberates a part of the 
nitric acid, and as the latter is removed by distillation more is 
liberated, until eventually all the sodium nitrate is converted to 
nitric acid. Sufficient sulphuric acid is added to form sodium hydro¬ 
gen sulphate: the distillation can then be carried out at a fairly 
low temperature, and the nitric acid will not be much decomposed. 
Decomposition can be almost completely avoided by distilling off 
in vacuo at a low temperature. 

Nitric acid can be synthesised from its constituents as they 
occur in air and in water. The nitrogen and oxygen in the air are 
made to combine by means of electric sparks, and the nitric oxide 
thus formed combines with more oxygen and water to give nitric 
acid. 

In the Birkeland-Eyde process a large arc is produced by an alternating 
current at 5,000 volts, and this arc is spread out into a thin disc of flame 
several metres across by means of an electro-magnet. A powerful 
current of air is passed through this flame. The air is momentarily 
heated to about 2,500° and then rapidly cooled to about 700°. As 
explained above, the emerging air will contain 1-2% of nitric oxide. 
After cooling, the mixed gases are passed up high towers packed with 
granite, down which a stream of water flows. The nitric oxide com- 
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bines with water and oxygen to give nitric acid, which is collected at 
the foot of the tower. 

The chief item of cost in this method of preparing nitric acid is the 
power used in generating the high-tension alternating current used in 
the arcs, each of which consumes about 5,000 kilowatts, i.e., about 
7,000 horse-power. It is therefore only practicable to carry out this 
process in districts where an abundance of water power makes energy 
very cheap, e.g Norway and the Alps. 

Nitric acid is also prepared synthetically by oxidising synthetic 
ammonia with air. In this process it is important to avoid the 
formation of nitrogen. The ammonia is mixed with air and passed 
over a suitable heated catalyst {e.g., platinum at 500°). It is thus 
burnt to nitric oxide, and the resulting mixed gases are converted 
to nitric acid by treating with water in absorption towers as described 
above. 

Properties. Nitric acid is a strong monobasic acid , and can be 
considered as completely dissociated to hydrogen ions and nitrate 
ions in aqueous solution, 

hno 3 ~>h+ + no 3 -. 

It is also a very powerful oxidising agent , and it is on this property 
that most of its applications depend. 

When nitric acid acts as an oxidising agent both nitric oxide, 
NO, and nitrogen peroxide, N0 2 , are usually formed. Dilute nitric 
acid favours the formation of nitric oxide, while concentrated nitric 
acid gives chiefly nitrogen peroxide. If nitric oxide is formed, two 
molecules of nitric acid give three atoms of oxygen, 

2HNO a -> 2NO + H 2 0 + 30, 

while if nitrogen peroxide is formed, two molecules of nitric acid 
give only one atom of oxygen, 

2HN0 3 -> 2N0 2 + H 2 0 + O. 

If copper is dissolved in dilute or moderately strong nitric acid, the 
reactions described under nitric oxide (p. 137) take place, the net 
result being 

3Cu + 8HN0 3 2N0 + 3Cu(N0 3 ) 2 + 4H 2 0. 

If concentrated nitric acid is allowed to act on copper, the following 
consecutive reactions take place, 

3Cu + 2HN0 3 -> 3CuO + 2NO + H 2 0 
3CuO + 6HNO s -> 3Cu(N0 3 ) 2 + 3H a O 
the net result being in this case 

Cu + 4HN0 3 2N0 2 + Cu(N0 3 ) 2 + 2H 2 0. 

Nitric acid attacks many non-metals, e.g., iodine, sulphur, 
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phosphorus, by oxidising them to acids (iodic acid, sulphuric acid, 
phosphoric acid), e.g., 

3I 2 + 10HNO S 6HI0 3 + IONO + 2H 2 0 
S + 2HN0 3 H 2 S0 4 + 2NO 

It also dissolves most metals , first oxidising them to metallic oxides, 
which then dissolve in more nitric acid to give nitrates : thus it 
dissolves lead, copper, mercury and silver, but not gold and plati¬ 
num. It decomposes many hydrogen compounds by oxidising the 
hydrogen to water : e.g., it oxidises hydrochloric acid to chlorine 
and water. Aqua regia (so called because it can dissolve gold, the 
most noble of metals) is a mixture of hydrochloric and nitric acids, 
and therefore acts like free chlorine. Its power of dissolving gold 
is due to the presence of free chlorine. Hydrogen sulphide is readily 
oxidised to water and sulphur by nitric acid, 

3H 2 S + 2HN0 3 -> 3S + 2N0 + 4H 2 0, 

the sulphur being slowly oxidised further to sulphuric acid. For 
this reason it is not advisable in analysis to carry out precipitations 
with hydrogen sulphide in solutions containing nitric acid, although 
if the liquid is cold and contains only small quantities of nitric acid 
the oxidation of the hydrogen sulphide does not interfere with the 
precipitation. Finally, it may be mentioned that on account of its 
oxidising properties dilute nitric acid will dissolve metallic sulphides 
which are insoluble in other dilute acids, e.g., lead sulphide, silver 
sulphide, bismuth sulphide and copper sulphide. Mercuric sulphide 
only dissolves if hydrochloric acid is also added. The nitric acid 
only dissolves the metal of the sulphide, free sulphur being precipi¬ 
tated, e.g., 

3CuS + 8HNO3 3Cu(N0 3 ) 2 + 3S + 2NO + 4H 2 0. 

By the continued action of nitric acid the sulphur can be oxidised 
further to sulphuric acid. 

Nitrates. With a few unimportant exceptions, the salts of nitric 
acid are all soluble in water. Like nitric acid itself, they are oxidising 
agents, since they contain the nitrate radical which is the oxidising 
constituent of the acid. 

Potassium nitrate (nitre or saltpetre) is used in gunpowder, which 
is a mixture of about six parts of saltpetre with one part of carbon 
and one part of sulphur. When the powder is ignited the saltpetre 
oxidises the carbon and the sulphur, and the gases thus evolved, 
together with the heat developed in the oxidation, give rise to the 
explosion. 

Sodium nitrate is the most important nitrate, and is used in large 
quantities as a nitrogen fertiliser under the name of Chili saltpetre. 
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The dry northern regions of Chili contain an enormous layer of this 
salt, 1 to 2 yards deep, about two miles wide and 200 miles long. 
This layer is called caliche : it contains 20-55% of sodium nitrate 
mixed with sodium chloride, a little perchlorate, a little iodate 
and some earthy impurities. By extracting the caliche with hot 
water the saltpetre and part of the sodium chloride are dissolved, 
and on cooling the sodium nitrate crystallises out in an almost 
pure state. The sodium chloride is almost as soluble in cold water 
as in hot, and therefore remains in solution. The mother liquor is 
then used to extract a fresh portion of caliche, and so on. 

Calcium nitrate, Ca(N0 3 ) 2 , is now manufactured in steadily in¬ 
creasing quantities from synthetic nitric acid for use as a nitrogen 
fertiliser . It is hygroscopic and deliquescent, and must therefore 
be protected from moisture when being stored. 

The commercial Norwegian product is prepared by neutralising the 
nitric acid obtained from air and water with limestone and evaporating 
down the solution until it contains about 80% of calcium nitrate. 
The German and English products are prepared from nitric acid obtained 
by oxidising synthetic ammonia. They contain a few per cent, of 
ammonium nitrate, which increases the nitrogen content and makes 
them easier to prepare. 

Nitrogen Fertilisers 

Plants assimilate nitrogen most readily when it is present in the 
form of nitrates. Fertilisers containing the nitrates of sodium or 
calcium are therefore effective immediately after being added to the 
soil. Ammonium sulphate has a slower action, since the ammonia 
it contains must in general be oxidised to nitric acid before the 
plant can absorb the nitrogen. This oxidation takes place in the 
soil by the agency of the so-called nitrifying bacteria , which employ 
the oxygen of the atmosphere to oxidise the ammonia to nitric 
acid. The nitric acid is neutralised by the calcium carbonate 
present in the soil, which therefore does not become acid. The whole 
process may be written 

(NH 4 ) 2 S0 4 +40 2 +2CaC0 3 Ca(N0 3 ) 2 -f CaS0 4 +4H 2 0+2C0 2 . 

Ammonium sulphate must not be mixed with basic fertilisers 
(e.g., basic slag—a calcium phosphate containing lime), since this 
will lead to liberation of ammonia and consequent loss of nitrogen. 

Calcium cyanamide, CaCN 2 , is a special type of nitrogen fertiliser. 
Its preparation has been previously described (p. 131), and it will 
be further dealt with under cyanogen compounds (p. 181). 

Other substances which have been recently marketed as nitrogen 
fertilisers include ammonium nitrate, NH 4 N0 3 , urea, CO(NH 2 ) 2 and 
a compound of calcium nitrate with urea, CatNOg)* . 4CO(NH 2 ) a . All 
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these substances contain a particularly high percentage of nitrogen. 
Ammonium nitrate is deliquescent, but the other two compounds are 
stable in air. The calcium nitrate compound has lost its hygroscopic 
nature by the replacement of the water of crystallisation by urea. 

Liquid manure (sewage) is an important nitrogen fertiliser. 
Fresh urine contains the nitrogen compound urea, CO(]SrH 2 ) 2 . 
Urea is converted into ammonium carbonate, 

CO(NH 2 ) 2 + 2H 2 0 -> (NH 4 ) 2 C0 3 , 
by certain bacteria which occur widely in the soil, or by the enzyme 
urease which they contain. 

The volatility of ammonium carbonate (see p. 136) leads to 
considerable loss of nitrogen when liquid manure is stored or distri¬ 
buted. The smell of ammonia often met in stables is due to the 
same hydrolysis. 

The loss of nitrogen can be reduced by adding calcium chloride to 
the manure, when the following reaction takes place, 

(NH 4 ) 2 C0 3 + CaCl a -> CaC0 3 + 2NH 4 C1. 

THE HALOGEN COMPOUNDS OF NITROGEN 
Nitrogen Trichloride, NC1 3 ; If chlorine is passed into a solution of 
ammonium chloride, nitrogen trichloride separates out as a yellow oil, 

NH 4 C 1 4 - 3C1 2 —> NC1 3 + 4HC1. 

This substance is very dangerous to prepare, since it explodes with 
extreme violence on the slightest provocation, according to the equation 

2NCl 3 ->N a 4- 3C1 2 . 

The solid nitrogen iodide is also explosive, though less dangerous. 
It is prepared by pouring aqueous ammonia over powdered iodine. 

CHEMICAL CHANGE. HI 

The Laws of Chemical Equilibrium 

The Mobility of Chemical Processes. If a chemical process has a 
measurable reaction velocity under the external conditions (tempera¬ 
ture, presence of catalyst, etc.) being considered, it is said to be 
mobile. A mobile process will continue to take place until the true 
state of equilibrium. Thus in a reversible mobile process the 
forward and reverse reactions lead to the same final state (cf. p. 53). 
In an irreversible mobile process the reaction will continue until the 
reacting substances (or one of them) are used up. The equilibrium 
state which is reached in a reversible mobile process is often termed 
a state of mobile equilibrium to distinguish it from states of apparent 
equilibrium, where the lack of reaction is not due to equilibrium, 
but to the inertia of the process (i.e. 9 to a very small reaction velocity). 
In a mixture of nitrogen and hydrogen at ordinary temperatures 
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no formation of ammonia takes place, but this apparent stability is 
only due to the slowness of the reaction and not to a true equilibrium. 
If we start with a mixture of three volumes of hydrogen and one 
volume of nitrogen under a pressure of one atmosphere at ordinary 
temperatures, it can be calculated that true chemical equilibrium 
is only reached when 99% of the mixture has been converted into 
ammonia. Actually, however, the process is not mobile at ordinary 
temperatures, and ammonia is only formed at an appreciable speed 
when the mixture is heated to 500° with a suitable catalyst (see 
p. 133). The formation of water from hydrogen and oxygen is mobile 
at ordinary temperatures in the presence of platinum black, but 
without a catalyst it only becomes mobile at temperatures above 
red heat (see p. 52). The hydrolysis of chlorine in chlorine water 
(p. 59) and reactions between adds and bases (p. 112) are mobile 
at ordinary temperatures without the addition of catalysts. Many 
chemical compounds (in particular most organic compounds) do 
not constitute states of mobile equilibrium, and the fact that they 
undergo no change on being kept is only due to the inertia of the 
changes concerned. 

Le Chatelier’s Principle. A system in mobile equilibrium will in 
general be affected by a change in the external conditions, i.e., the 
composition of the equilibrium mixture is altered. Thus equilibria 
are usually displaced by changes of temperature or pressure , by 
adding or removing reacting substances, i.e., by changing the 
concentration, and by changing the solvent. On the other hand, 
the equilibrium is not displaced by solid catalysts nor by dissolved 
catalysts, provided that the latter are not added in sufficient quan¬ 
tities to change the nature of the solvent. 

It is obviously very important to be able to predict the direction 
in which an equilibrium will be displaced by changes of temperature, 
pressure or concentration. This is possible by means of le Chate - 
liefs principle , so called after its discoverer, which may be stated 
as follows:— 

If a change is made in the pressure, temperature or concentration 
of a system in mobile chemical equilibrium, the equilibrium will be 
displaced in such a direction as to oppose the effect of this change. 

We shall now consider the application of this principle to changes 
of pressure and temperature, and the addition and removal of sub¬ 
stances (i.e., changes in concentration). 

The Effect of Temperature. At temperatures high enough for 
the process to be mobile, the extent of combination of nitrogen 
and oxygen to give nitric oxide increases with rising temperature 
(see p. 138). On the other hand, the extent to which nitrogen and 
hydrogen combine to give ammonia decreases with rising tempera- 
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ture (see p. 133). An increase of temperature thus has directly 
opposite effects upon the state of equilibrium in the two cases. 
This is connected with the fact that nitric oxide is an endothermic 
compound, i.e., its formation from nitrogen and oxygen is accom¬ 
panied by absorption of heat, while ammonia is an exothermic 
compound, i.e., its formation from nitrogen and hydrogen is accom¬ 
panied by evolution of heat. According to le Chatelier’s principle, 
when a system in mobile equilibrium is heated , the process which takes 
place must absorb heat and hence tend to lower the temperature. Hence 
the endothermic nitric oxide must be formed by heating, and the 
exothermic ammonia must be decomposed. Similarly, the fact that 
substances can be melted and vaporised by heat agrees with le 
Chatelier’s principle, since both these processes are accompanied by 
absorption of heat. 

At low temperatures (which in this context can be taken to mean 
room temperature) exothermic compounds ( e.g., H 2 0, NH 3 , C0 2 ) 
will be stable, and endothermic compounds (e.g., 0 3 , NO, H 2 0 2 ) 
will be unstable. As the temperature is increased, le Chatelier’s 
principle predicts that this state of affairs will be gradually reversed, 
and at the temperature of the electric arc all exothermic compounds 
are more or less completely decomposed, while all endothermic 
compounds are formed from their constituents to a considerable 
extent. In spite of the instability of endothermic compounds at 
ordinary temperatures, many of them can be prepared and kept, 
e.g., ozone, hydrogen peroxide, nitric oxide : this is due to the fact 
that the velocity with which they decompose is often very small at 
room temperatures. On raising the temperature somewhat the 
reaction velocity will generally become appreciable, and the endo¬ 
thermic compound will be decomposed, sometimes explosively. 
At very high temperatures the stability relations will be reversed 
according to le Chatelier’s principle, and the endothermic substance 
will begin to be formed again from its components. 

The Effect of Pressure. If the pressure on a mixture in mobile 
equilibrium is increased, le Chatelier’s principle predicts that the 
process will take place in such a direction as to decrease the pressure. 
The effect of pressure on chemical equilibria is most marked when 
gases take part in the process. In this case an increase of pressure 
will always displace the equilibrium in such a direction as to decrease 
the number of gaseous molecules , since the fewer gas molecules are 
present, the lower will be the pressure. When nitrogen and hydrogen 
combine together to give ammonia according to the equation 


the number of gas molecules is decreased from four to two : hence 
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high pressure favours the formation of ammonia (cf. p. 133). In 
the formation of nitric oxide the number of molecules remains 
unchanged, 


so that a change of pressure has no effect on this process. 

The Effect of Concentration. If we add to a system in mobile 
equilibrium a substance which is already present as a pure solid 
or liquid phase, it will never cause any reaction to take place in 
the system. If the rest of the system is in equilibrium with a small 
quantity of the phase, it will also be in equilibrium with a larger 
quantity. 

Example. Suppose there is equilibrium between a crystal of 
potassium chlorate and the potassium ions and chlorate ions in a 
solution, i.e the solution is saturated with potassium chlorate. 
If more potassium chlorate crystals are added to this solution no 
more solid will go into solution, and no change at all will occur in 
the system. 

If, on the other hand we add to a system in mobile chemical 
equilibrium a substance which is only present in solution , this 
addition will cause an increase in the concentration of the substance 
and the equilibrium will be disturbed. According to le Chatelier’s 
principle, the process which takes place will oppose the change of 
concentration, i.e., the substance added will be used up in the process. 
Conversely, if one of the reacting substances is removed, the sub¬ 
stance removed will be formed in the resulting process. 

Examples. When sulphuric acid and sodium nitrate are mixed, 
the sulphuric acid will liberate some of the nitric acid and a mobile 
equilibrium is set up between sulphuric acid and sodium nitrate on 
the one hand and nitric acid and sodium hydrogen sulphate on the 
other, 

NalSTOg + H 2 S0 4 ^ HNO s + NaHSO*. 

Only a fraction of the nitric acid is liberated, but if nitric acid is 
removed by distillation, according to le Chatelier’s principle more 
nitric acid will be liberated in the solution. By continuing to distil 
off the nitric acid, all the sodium nitrate can eventually be converted 
into nitric acid (cf. p. 140). 

Another example of the application of the above rule is as follows. 
In a solution of acetic acid mobile chemical equilibrium is set up 
between the undissociated acid and its ions, 

CH 3 COOH ^ H+ + CHgCOO- 

The addition of sodium acetate to the solution is equivalent to 
adding acetate ions: hence according to le Chatelier’s principle a 
number of the acetate ions in the solution will combine with hydrogen 
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ions to give undissociated acetic acid, i.e., the solution will become 
less acid. The fact that acetic acid solutions have a less acid reaction 
in presence of sodium acetate is used in analysis in the precipitation 
of iron and aluminium as phosphates. 

The Law of Mass Action for Chemical Equilibria. Le Chatelier’s 
principle only predicts the direction in which chemical equilibria 
are displaced by changing various factors. The extent of these 
displacements can be calculated quantitatively by the law of mass 
action , first formulated by Guldberg and Waage, in the following way. 
Let the equation 

m .A + nB + . . . ^ sF -f tG + . . . 

represent a mobile chemical equilibrium, where A, B, F, G . . . 
represent the molecules of the reacting substances, and m } n,s,t . . . 
the numbers of molecules which react. Eurther, let a, b, /, g . . . 
represent the concentrations of the substances A, B, J?, G . . . in a 
solution or a gas. The law of mass action then states that the 
expression 


a m . b n . . . . 


has a constant value for any solution in a given solvent (or any gas 
mixture) in which there is equilibrium with respect to the above 
process. If this constant value is termed K, the law of mass action 
states that the equation 


? ' g ~ ' ' ' ‘ = K 
a m . b n . . . . 


( 2 ) 


must be satisfied for all mixtures in chemical equilibrium. K is 
termed the equilibrium constant for the process. 

If in any mixture the fraction (1) possesses a value differing from 
K, the mixture will not be in equilibrium, and if the process is 
mobile the change will take place in such a direction that the value 
of the fraction (1) becomes nearer K. Thus if (1) is greater than K, 
the process will take place so as to decrease / and g and to increase 
a and b, i.e., in the direction 

&F ~j— tGc -j- . . . — tyi A -f- tiF -j- . . . 

Similarly, if the fraction (1) is smaller than K, the process will take 
place in the reverse direction. 

The value of K is different at different temperatures , and if the 
same reaction is investigated in different solvents or in the gas 
state, the value of K is found to depend upon the solvent and upon 
the state of aggregation. Any chemical reaction has a special value 
of the equilibrium constant for each solvent and for each tempera¬ 
ture. It should also be noted that equation (2) is only approximate, 
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being only strictly true as a limiting law in very dilute solutions. 
The more concentrated the solutions are (or in the case of gases, the 
higher the pressure), the greater deviations we must expect. 

The law of mass action for chemical equilibria can be deduced 
from the law of mass action for reaction velocities previously dealt 
with (p. 70). This follows immediately if we picture chemical 
equilibrium not as a completely stationary state, but as a state in 
which the forward and the reverse reactions take place with equal 
velocities, so that the net change is zero. We then have for the 
velocity of the reaction from left to right 

V = k ,a m ,b n . . . 

where k is called the velocity constant of the process : similarly, for 
the reaction from right to left, 

. . . 

where k r is the velocity constant of the reverse process. If these 
two reaction velocities are to be equal, we have 
k.a n .b n . . . = k' ,f s , g l . . . 
giving as the condition for equilibrium 

a m . b n . . .. k' 

The equilibrium constant K is thus equal to the ratio of the velocity 
constants k and k r . 

Examples of the Law of Mass A ction. All the laws given previously 
for equilibria involving ions (acid-base equilibria, the ionisation of 
water, solubility products) can be derived from the law of mass 
action. 

Dissociation Constant of an Acid. The equilibrium between an 
acid (A) and the corresponding base (B) in aqueous solution is 
represented by the equation 

A + H 2 0^B + H 3 0+, 
and the law of mass action gives 

c b .c h ,o+ = k ,. (3) 

Ca • Ch.O 

In dilute aqueous solution the concentration of water (ch 2 o) is 
practically speaking a constant quantity, since there are always 
approximately 1,000 g. = 55*5 moles of water present per litre. 
Introducing a new constant, K = C H ,, 0 . K', and writing (for brevity) 
c fl + instead of c H30 +, equation (3) becomes 
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This important equation has been previously mentioned (p. 116) as 
governing the equilibrium of an acid-base system. The equilibrium 
constant K is the dissociation constant of the acid, or the strength 
constant of the acid-base pair. 

Ionic Product of Water . The application of the law of mass action 
to the electrolytic dissociation of water, 

2H 2 0 ^ H 3 0+ + OH- 

gives the equation 

ch 8 q + • cqh~ __ 

C H*0 

Introducing a new constant, K H2 q = K'. c^ 0) and again writing 
c H + in place of c Hs0 + > have 

ch + • Coh- = Ke 2 o* 

This is the equation already given on p. 101, and the constant K Ha0 
is the ionic product of water. 

Solubility Products. If a system in equilibrium is saturated with a 
substance (i.e. } if the substance is present as a pure solid or liquid 
phase), then we must always allow for a constant concentration of the 
molecules of this substance when applying the law of mass action. 
If we have an electrolyte KH, then the equilibrium between un¬ 
dissociated molecules and ions in solution is given by the law of mass 
action, 

c K + . c H ~ __ £ 

Ckh 

C ttft is here the concentration of the undissociated molecules of 
electrolyte in the solution. In the case of strong electrolytes we 
do not in general know this concentration, though it is certainly 
very small. However, we know that for all saturated solutions of the 
electrolyte (for a given temperature and solvent) c K h has the same 
value,~so that if we are confining our attention to saturated solutions, 
we can replace K by a new constant, P KH = K . c £H: , giving 

ck + . c H - = Pkh- 

This equation states that in all saturated solutions of an electrolyte 
(at constant temperature in the same solvent) the product of the 
concentrations of the ions has the same value. The constant P KH 
is the solubility product previously defined (p. 123). 

If the formula of the electrolyte is K^A^, it is easily seen that the 
law of mass action gives 


where is again the solubility product. 
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The effect of temperature on a chemical equilibrium appears as a 
change of the equilibrium constant K with temperature. It is 
shown in text-books of physical chemistry that each degree rise of 
temperature causes the logarithm of K to decrease by an amount 

Q 

4-57T 2 ’ 

where T is the absolute temperature (Centigrade temperature + 273) 
and Q is the heat of reaction , i.e., the heat evolved (in calories) when 
the number of gram-molecules indicated in the chemical equation 
undergo reaction according to this equation. 

The logarithm of the equilibrium constant can be written approxi¬ 
mately 

log 10 K = A + i ^. 

Thus if the heat of reaction is known, the observed value of K at a 
single temperature can be used to calculate the value of the constant 
A, and the above equation can then be used to calculate the value 
of K at any other temperature. 


29. PHOSPHORUS (P = 31*02) 

Occurrence . Phosphorus never occurs in the free state in nature, 
but is often found as calcium phosphate, partly as apatite , which is 
markedly crystalline, and partly as phosphorite , which is only micro¬ 
crystalline and is usually less pure. Both these minerals contain a 
little calcium fluoride as well as calcium phosphate. Organic com - 
pounds containing phosphorus occur in all plants and animals, and 
the mineral constituents of the bones of vertebrate animals (obtained 
by burning them— bone-ash) consist chiefly of calcium phosphate 
mixed with a little calcium carbonate. 

FREE PHOSPHORUS 

Phosphorus occurs in the free state in two different forms, yellow 
phosphorus and red phosphorus. 

Yellow phosphorus, P 4 , is a waxy solid which melts at 44° and 
can be distilled (B.P. 290°). It is insoluble in water, but dissolves 
easily in carbon disulphide. It is slowly oxidised in air even at 
ordinary temperature, during which process it emits enough light 
to be visible in the dark (“ phosphoros ” is the Greek word for 
u light-bearing ”). It must therefore be stored under water. It is 
so combustible that it can be ignited by the heat of the hand or when 
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cut with, a knife. It should therefore never he held in the fingers, 
and must he cut up under water. Yellow phosphorus is very 
poisonous, and hums caused by burning phosphorus heal very 
slowly. 

Red Phosphorus. If yellow phosphorus is kept for some time 
near its boiling point, the clear yellow liquid gradually changes into 
a red solid. This red modification of phosphorus is much less active 
than yellow phosphorus. It is not oxidised at ordinary tempera¬ 
tures, and therefore does not shine in the dark, while it only ignites 
at a temperature of several hundred degrees. It is insoluble in 
carbon disulphide and is not poisonous. 

Red phosphorus is not usually crystalline, and is therefore sometimes 
called amorphous phosphorus. There appear to be several sorts of red 
phosphorus, as the properties of the substance depend considerably 
on the method by which it is prepared. 

Free phosphorus is prepared by heating a mixture of calcium 
phosphate, silica and carbon to white heat. The process is most 
easily understood by writing calcium phosphate as a compound of 
calcium oxide with phosphorus pentoxide, (CaO) 3 , P 2 0 5 . At high 
temperatures the silica combines with the calcium oxide to give 
calcium silicate, and the carbon reduces the phosphorus pentoxide 
to free phosphorus, 

3Si0 2 + (CaO) 3 , P 2 0 5 + 5C = 3CaO, Si0 2 + 2P + 5CO. 
calcium phosphate calcium silicate 

The phosphorus is given off as a vapour and can be condensed to 
yellow phosphorus by cooling the vapours. 

Phosphorus is chiefly used for matches. The old-fashioned 
matches had heads consisting of a mixture of yellow phosphorus 
and an oxidising substance such as potassium chlorate or lead 
peroxide, held together by some adhesive substance, e.g dextrin. 
These matches could be struck on any surface, since the heat 
generated by friction was sufficient to ignite the head. They were 
liable to catch fire spontaneously, and on account of the yellow 
phosphorus they contained were poisonous. In the modern safety 
matches the phosphorus is replaced by sulphur or antimony sulphide. 
They are not poisonous, and can only be struck on a special surface 
containing red phosphorus. 

THE HYDROGEN AND OXYGEN COMPOUNDS OF PHOSPHORUS 

Phosphorus forms the following series of compounds with hydro¬ 
gen and oxygen, in which one phosphorus atom and three hydrogen 
atoms are combined with an increasing number of oxygen atoms. 
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Formula. 

Name of hydrogen 
compound. 

Name of corresponding 
metallic compounds. 

h 3 p . 

phosphine 

phosphides 

H3PO2 . 

hypophosphorous acid 

hypophosphites 

H 3 P0 3 . 

phosphorous acid 

phosphites 

H 3 P0 4 . 

orthophosphorie acid 

orthophosphates 


(phosphoric acid) 

(phosphates) 


We shall also deal with two partial anhydrides of orthophosphorie 
acid and one complete anhydride, 

2H3PO4 — H 2 0 = H 4 P 2 0 2 , pyrophosphoric acid 

2H 3 P0 4 — 2H a O = 2HP0 3 , metaphosphoric acid 

2H 3 P0 4 — 3H 2 0 = P 2 0 5 , phosphorus pentoxide (phosphoric 

anhydride) 

The most important of these compounds are orthophosphorie 
acid and its anhydrides, which will therefore be described first. 

Phosphorus pentoxide (phosphoric anhydride), P 2 0 s , is prepared 
by burning phosphorus in dry air. It is a white powder and is the 
most powerful drying agent known. When it absorbs water, meta- 
phosphoric acid is first formed, 

P 2 0 5 + H 2 0 2HPO3. 

Metaphosphoric acid, HP0 3 , is a solid soluble in water. In 
aqueous solution it changes into orthophosphorie acid (very slowly 
at ordinary temperatures, but more rapidly on boiling), 


This transformation can be demonstrated by taking out samples of 
the solution and adding silver nitrate after neutralising with sodium 
hydroxide. This precipitates the silver salts of the phosphoric 
acids present, and silver metaphosphate (AgP0 3 ) is white, while 
silver orthophosphate (Ag 3 P0 4 ) is yellow. The solid phosphoric 
acid obtainable commercially in the form of sticks consists chiefly 
of metaphosphoric acid. It is prepared by evaporating down a 
solution of orthophosphorie acid and casting the molten residue 
into sticks. During evaporation the orthophosphorie acid loses 
part of its water. Metaphosphoric acid will not lose water even on 
ignition, in agreement with the powerfully hygroscopic properties 
of phosphorus pentoxide. 

Pyrophosphoric acid, H 4 P 2 0 7 , is prepared by heating ortho- 
phosphoric acid until it has lost exactly the calculated percentage 
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of water. In aqueous solution it slowly changes back into ortho- 
phosphoric acid. 

Orthophosphoric acid, H 3 P0 4 , is the most important of the acids 
of phosphorus, and is often referred to merely as phosphoric acid. 
It is very readily soluble in water and difficult to obtain in a crystal¬ 
line form, so it is usually sold as an aqueous solution. Although 
phosphoric acid contains three hydrogen atoms, its solutions in 
water do not contain very large quantities of hydrogen ions. In a 
0*1 M solution, only 24% of the molecules are dissociated into ions, 
and by far the greater part of this dissociation corresponds to the 
splitting off of only one hydrogen ion, according to the equation 


Phosphoric acid is thus a fairly strong acid as regards the dissocia¬ 
tion of its first hydrogen atom, but a weak one as regards the 
dissociation of its second and third hydrogen atoms. Its three 
strength exponents (see p. 115) are pK x = 2*12, pK 2 = 7*23, 
pK 3 = 12*46. 

Phosphoric acid can be 'prepared by oxidising phosphorus with 
nitric acid and then removing the excess of nitric acid by evapora¬ 
tion, 

3P + 5HN0 3 + 2H 2 0 -> 3H 3 P0 4 + 5NO. 

Less pure phosphoric acid is obtained by treating calcium phosphate 
(phosphorite) with dilute sulphuric acid, 

Ca 3 (P0 4 ) 2 + 3H 2 S0 4 2H 3 P0 4 + 3CaS0 4 . 

The precipitated calcium sulphate is filtered off and the solution of 
phosphoric acid brought to the required strength by evaporating. 

In recent years phosphoric acid has been obtained technically 
by heating phosphorus with water, 

2P + 8H 2 0 -> 2H 3 P0 4 + 5H 2 . 

Phosphates. Being a tribasic acid, orthophosphoric acid forms 
three series of salts, in which respectively one, two and three hydrogen 
atoms are replaced by metals. Thus with sodium and calcium it 
forms the following salts, 

NaH 2 P0 4 , primary sodium phosphate. 

Na 2 HP0 4 , secondary sodium phosphate. 

Na 3 P0 4 , tertiary or normal sodium phosphate. 

Ca(H 2 P0 4 ) 2 , primary calcium phosphate. 

CaHP0 4 , secondary calcium phosphate. 

Ca 3 (P0 4 ) 2 , tertiary or normal calcium phosphate. 

Most primary phosphates are soluble in water, while with the 
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exception of the sodium, potassium and ammonium salts, most 
secondary and tertiary phosphates are insoluble. Most metallic 
salts therefore give a precipitate with ordinary secondary sodium 
phosphate, e.g. } 

Ca++ + HP0 4 = -> CaHP0 4 . 

Aluminium salts give a precipitate of tertiary aluminium phosphate 
with secondary sodium phosphate, hydrogen ions being simul¬ 
taneously formed, 

A1+++ + HPO4* -> A1P0 4 + H+. 

The precipitation is not complete unless the hydrogen ions formed 
are removed by the addition of basic substances (e.g., sodium 
acetate, or an excess of sodium phosphate). All phosphates dissolve 
in strong acids (cf. p. 127) on account of the basic properties of the 
secondary and tertiary phosphate ions, e.g. } 

CaHP0 4 + H+ -> Ca++ + H 2 P0 4 ", 
or in more strongly acid solution, 

CaHP0 4 + 2H+ Ca ++ + H 3 P0 4 . 

The phosphate radical is thus present in acid solutions as the 
primary phosphate ion (H 2 P0 4 ~) or phosphoric acid (H 3 P0 4 ). 

Primary phosphates have a slightly acid reaction (pH = about 5) 
in solution, since the acid properties of the dihydrogen phosphate 
ion (dissociation, H 2 P0 4 “ —> HP0 4 “ + H + ) slightly outweigh its 
basic properties (hydrolysis, H 2 P0 4 “ + H 2 0 —> H 3 P0 4 + OH"). 
On the other hand, the soluble secondary phosphates give distinctly 
alkaline solutions (pH = about 10), since the basic properties of the 
monohydrogen phosphate ion (hydrolysis, HP0 4 “ + H 2 0 —> 
H 2 P0 4 ~ + OH") are much more powerful than its acid properties 
(dissociation, HP0 4 "“ —> P0 4 ~ + H + ). Finally, tertiary phos¬ 
phates, e.g ., hTa 3 P0 4 , give strongly alkaline solutions, since the 
P0 4 - ion acts as a strong base, and is hydrolysed by water to a 
considerable extent according to the equation P0 4 ® + H 2 0 —> 

hpo 4 = + oh- 

Mixtures of primary and secondary phosphates act as a buffer 
mixture which will keep a solution near the neutral point (pH = 6-8), 
even when small amounts of acid or base are added. Any hydrogen 
ions added are used up in converting some of the secondary phos¬ 
phate ions to primary phosphate ions, while the addition of hydroxyl 
ions effects the reverse process. (See also p. 120.) 

Fig. 13, p. 117, shows in detail the state of phosphoric acid in 
solutions of different hydrogen ion concentrations. In strongly 
acid solutions the phosphoric acid is chiefly present as H 3 P0 4 . 
As the solution becomes less acid it loses its hydrogen ions gradually 
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At pH 5 it is present chiefly as H 2 P0 4 ~, at pH 10 chiefly_as 
and in strongly alkaline solution almost entirely as P0 4 == . 

Superphosphate. Phosphates are one of the forms of nourish¬ 
ment necessary for plants, and substances containing phosphates 
are used widely as fertilisers. Large quantities of more or less pure 
calcium phosphate (Ca 3 (P0 4 ) 2 ) occur naturally as apatite and 
phosphorite, but since these minerals are very insoluble in water, 
they are only absorbed very slowly by plants and cannot in general 
be used directly as fertilisers. If, however, they are finely powdered 
and mixed with two molecules of sulphuric acid, a mixture of soluble 
primary calcium phosphate and calcium sulphate is formed, 
Ca 3 (P0 4 ) 2 + 2H 2 S0 4 Ca(H 2 P0 4 ) 2 + 2CaS0 4 , 

which is used to a very large extent as a fertiliser under the name of 
superphosphate . The phosphate which it contains is soluble in water 
and is rapidly absorbed by plants. 

Crude chamber acid is used in preparing superphosphate. As the 
water content of the chamber acid is taken up by the calcium sulphate 
as water of crystallisation, the product is not moist, but can be easily 
reduced to a fine powder suitable for scattering. When the crude 
phosphate is treated with sulphuric acid ill-smelling and injurious 
vapours of hydrogen fluoride and silicon tetrafluoride are evolved, 
formed from the calcium fluoride and silica present in the phosphate. 

The quality of a sample of superphosphate depends on the amount 
of soluble phosphoric acid it contains. Superphosphate is therefore 
tested by determining the amount of phosphoric acid which can be 
extracted (as phosphate) with water, i.e ., the water-soluble phosphoric 
acid . The ordinary commercial product usually contains 18% P 2 0 5 
in a water-soluble form. If the superphosphate contains unchanged 
crude phosphate, the following reaction can take place on storing, 

Ca 3 (P0 4 ) 2 + Ca(H 2 P0 4 ) 2 * 4CaHP0 4 . 

Insoluble secondary calcium phosphate is thus formed, and the amount 
of water-soluble phosphoric acid decreases. Of greater importance is 
the decrease in water-soluble phosphoric acid, which takes place on 
storing superphosphate prepared from crude phosphate containing 
iron. In this case the iron oxide can be converted on standing to 
insoluble ferric phosphate, 

Pe 2 0 3 + 2Ca(H 2 P0 4 ) 2 -> 2FeP0 4 + 2CaHP0 4 + 3H 2 0. 

Phosphoric acid which has thus become insoluble in water can still be 
absorbed to a considerable extent by the roots of plants, and is more 
valuable than the phosphoric acid present as unchanged crude phos¬ 
phate. A solution of ammonium citrate will dissolve the phosphoric 
acid on both sides of the last equation : this depends partly on the fact 
that citrates form soluble complex compounds with ferric salts. 

Basic phosphate (basic slag) is calcium phosphate (or silicophos- 
phate) containing a large amount of lime, and is obtained as a by¬ 
product in the manufacture of steel by the basic Bessemer process. 
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In a finely ground state it is sufficiently soluble for absorption by 
plants. 

The phosphoric acid in basic phosphate is not soluble in water, but 
can be dissolved to a great extent (90% or more) by a solution of citric 
acid. It is considered that the citric acid soluble phosphate can be 
absorbed by plants, since the acid root fibres appear to have a solvent 
action resembling that of a solution of citric acid. Ordinary basic 
phosphate contains about 12% P 2 0 5 in the form of citric acid soluble 
phosphate. 

The Detection and Quantitative Estimation of the Phosphate 
Badical (Phosphoric Acid), In a warm solution containing nitric 
acid, phosphoric acid and phosphates give with ammonium molyb¬ 
date ( (NH 4 ) 2 Mo 0 4 ) a yellow precipitate of ammonium phospho- 
molybdate, 

(NH 4 ) 3 P0 4 , 12Mo 0 3 , aq. 

(The symbol “ aq.” here indicates that the substance contains 
water, without specifying the amount.) This yellow precipitate is 
a convenient means for detecting or removing the phosphate 
radical, but it is not very suitable for weighing in a quantitative 
estimation, since its composition is not quite invariable. Hence in 
accurate determinations of phosphate, the yellow precipitate is 
dissolved in aqueous ammonia and a solution of magnesium chloride 
containing ammonia and ammonium chloride ( <c magnesia mixture ”) 
is added. The phosphate is precipitated as the white crystalline 
magnesium ammonium phosphate, 

>0 4 .6H 2 0. 

This precipitate is filtered off and converted by ignition to magnesium 
pyrophosphate, which is then weighed, 

2MgNH 4 P0 4 ,6H 2 0^Mg 2 P 2 0 7 + 2NH 3 + 13H 2 0. 
magnesium pyrophosphate 

In determining very small amounts of phosphate ( e.g., in soil 
extracts) it may, however, be more advantageous to weigh or titrate 
the molybdate precipitate directly. 

The amount of phosphate (or phosphoric acid) in a fertiliser is 
usually stated in terms of phosphorus pentoxide, P 2 0 5 . 

Phosphorous acid, H 3 P0 3 , is obtained by the action of water on 
phosphorus trichloride, 

PC1 3 + 3H 2 0 -> H3PO3 + 3HC1. 

The hydrochloric acid and the excess of water are removed by 
evaporation, and the phosphorous acid is obtained as a white 
crystalline solid. Phosphorous acid has strongly reducing properties, 
as it readily combines with an atom of oxygen to give phosphoric 
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acid. It is only a dibasic acid, since one of the hydrogen atoms 
cannot he replaced by metals, but always forms a part of the acid 
radical. Its salts are called phosphites . The formula of normal 
sodium phosphite is Na 2 HP0 3 . 

Hypophosphorous acid, H 3 P0 2j also has strongly reducing pro¬ 
perties. Only one of its three hydrogen atoms can be replaced by a 
metal, i.e., it is a monobasic acid. Its salts are called hypophosphites , 
and the sodium salt is obtained by boiling yellow phosphorus with 
sodium hydroxide solution, 

4P + 3NaOH + 3H 2 0 3NaH 2 P0 2 + PH 3 . 


Phosphine (PH 3 ) is formed simultaneously and is given off as a gas. 

Phosphine, PH 3 , is a colourless, poisonous gas with an extremely 
unpleasant smell. In contrast to ammonia, it is only slightly 
soluble in water and has only weakly basic properties. The impure 
phosphine obtained by boiling yellow phosphorus with sodium 
hydroxide solution ignites spontaneously when it comes into contact 
with air. 

Structural Formula. The hydrogen atoms in phosphine, which 
are bound directly to phosphorus, have no acidic properties. It is 
therefore reasonable to assume in the acids of phosphorus that those 
hydrogens which have no acidic properties are also bound directly 
to the phosphorus. This leads to the following structural formulae 
for thesejacids. 


H—0^ 

H—0~P = O 
H— 

phosphoric acid, 
tribasic 



H—0—P = 0 
H— q/ 

phosphorous acid, 
dibasic 



H—P = 0 

hypophosphorous 
acid, monobasic 


According to these formulae the phosphorus is pentavalent in all 
three acids. On the other hand, its state of oxidation decreases in 
the order given, as appears from the formulae for the anhydrides, 

p 2 o 5 P 2 0 s P 2 0 

phosphoric phosphorous hypophosphorous 

anhydride anhydride anhydride (unknown) 

The phosphorus in ortho-, pyro- and metaphosphoric acids is in 
the same state of oxidation, since all these acids correspond to the 
same anhydride, phosphorus pentoxide. 


THE HALOGEN COMPOUNDS OF PHOSPHORUS 
Phosphorus trichloride, PC1 3 , is a colourless volatile liquid obtained 
by passing chlorine over gently warmed phosphorus in a retort. The 
vapours are condensed in a condenser and the liquid collected in a 
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receiver. It reacts vigorously with water, being hydrolysed to phos¬ 
phorous and hydrochloric acids, 

PC1 3 + 3H,0 H3PO3 + 3HC1. 

It combines immediately with chlorine to give 

Phosphorus pentachloride, PC1 5 , a fairly volatile yellowish solid, 
which reacts violently with water to give phosphoric acid, 

PC] 5 - H3PO4 + 5HC1. 

Phosphorus oxychloride, POCl 3 , is a colourless volatile liquid obtained 
by carefully decomposing PC1 5 with a small amount of water 
PC1 5 + H 2 0 -> POCI3 + 2 HC1). 

Phosphorus also readily enters into direct combination with 
bromine and iodine. The phosphorous bromides and iodides thus 
obtained are used for preparing organic halogen compounds. 

30. ARSENIC (As = 74-93) 

Arsenic is fairly widely distributed in nature. It occurs to a 
certain extent in nearly all naturally occurring metallic sulphides, 
e.g in iron pyrites. All crude sulphuric acid obtained from this 
source therefore always contains arsenic, and since sulphuric acid 
is used in so many preparations, arsenic can occur as an impurity 
in many chemical products. 

THE OXYGEN COMPOUNDS OF ARSENIC 

Arsenic gives two oxides, arsenic trioxide, As 2 0 3 , and arsenic 
pentoxide, As 2 0 5 , which are the anhydrides of the arsenious acid, 
H 3 As0 3 , and arsenic acid, H 3 As0 4 , respectively. 

Arsenic trioxide (arsenious anhydride), As 2 0 3 , is the most impor¬ 
tant compound of arsenic. It is a white solid which can be sublimed. 
It is obtained as a by-product in roasting ores (e.g., pyrites) which 
contain arsenic. The arsenic present is volatilised as the trioxide, 
which on cooling condenses to a white powder (“ white arsenic ”). 
It is very poisonous, and the arsenic preparations used in medicine 
contain only an extremely small quantity of arsenic trioxide. It is 
sparingly soluble in water, and the solution has a faintly acid reaction 
due to the presence of arsenious acid, H 3 As0 3 . This is a weak acid 
known only in solution, and differs from phosphorous acid in being 
tribasic. Arsenic trioxide dissolves readily in sodium hydroxide 
solution, giving a salt of arsenious acid, sodium arsenite, 

As 2 0 3 + 6NaOH —>- 2Na 3 As0 3 + 3H 2 0. 

This solution is used as a cattle wash for destroying vermin. A 
double salt containing cupric arsenite and cupric acetate is used 
for spraying fruit trees. 
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Arsenic acid, H 3 As0 4 . When arsenic trioxide is dissolved in 
warm nitric acid it is oxidised to arsenic acid, which is readily 
soluble in water, 

As 2 0 3 + 20 + 3H 2 0 = 2H 3 As0 4 . 

Arsenic acid and the corresponding anhydride, As 2 0 5 , contain 
pentavalent arsenic. Both the acid and its salts, the arsenates, 
resemble very much the corresponding phosphorus compounds. 

If solutions of sodium arsenate and lead acetate are mixed, a 
suspension of lead arsenate is obtained which is used for spraying 
fruit trees. Calcium arsenate has been also used for the same 
purpose. 

Arsenic trisulphide, As 2 S 3 , occurs as the mineral orpiment. It is 
a yellow solid used as a pigment. 

The compounds of arsenic differ very much in their poisonous 
properties. The trivalent compounds are the most poisonous. 
Certain organic arsenic compounds (e.gr., salvarsan) are of great 
medicinal importance, since they have a high toxic power towards 
certain bacteria ( e.g those which cause syphilis), but have very little 
harmful effect on the human organism as a whole. Other organic 
compounds of trivalent arsenic were used during the great war as 
tear gases. 

31. REVIEW OF THE NITROGEN GROUP 

The nitrogen group contains the following three non-metals (in 
order of their atomic weights) :— 

Nitrogen Phosphorus Arsenic 

N = 14-008 P = 31-02 As = 74-93 

These elements are trivalent towards hydrogen, and show varying 
valencies up to five towards oxygen. 

Nitrogen stands rather by itself, but the formulae for the hydrogen 
compound NH 3 and the two anhydrides N 2 0 3 and N 2 0 5 show clearly 
its relation to phosphorus and arsenic. 

Nitrogen differs from phosphorus and arsenic in its small affinity 
for oxygen and the halogens and the strongly basic character of its 
hydrogen compounds. Further, the formula of nitric acid, HNO s , 
is not analogous to H 3 P0 4 and H 3 As0 4 , although all three acids 
are derived from pentoxides. 

THE CARBON GROUP 

The non-metals contained in the fourth group have a valency of 
four towards hydrogen (giving hydrides of the type RH 4 ) and a 
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maximum valency of four towards oxygen and the halogens (corre¬ 
sponding to the formulae R0 2 and RC1 4 ). The most important 
elements in the group are carbon and silicon. 

32. CARBON (C = 12*00) 

Occurrence. Carbon occurs naturally chiefly in the form of 
carbonates of various metals (calcium, magnesium, iron, copper, 
etc.). Calcium carbonate occurs in especially large quantities as 
limestone, chalk and marble . Marl is a naturally occurring mixture 
of calcium carbonate with clay or sand. Organic compounds, of 
which plants and animals are composed, consist of carbon combined 
with hydrogen, oxygen and sometimes other elements. Coal 
(lignite and anthracite) consists of organic compounds containing 
large quantities of carbon, and petroleum consists of compounds 
of carbon and hydrogen. The atmosphere contains 0*03% of carbon 
dioxide. Carbon occurs in a few localities in the free state as 
graphite or diamonds . 

FREE CARBON 

Carbon is known in the free state in three different forms— 
diamond, graphite and amorphous carbon. 

Diamond, the densest of the three forms, is a crystalline substance 
with a high refractive index, and is harder than any other known 
substance. Pure diamonds are perfectly colourless and transparent, 
but natural diamonds are often coloured by impurities. 

On account of their hardness, diamonds are used for cutting glass 
and for boring hard materials. Transparent diamonds are valuable 
jewels. When suitably cut and polished, their high refractive index 
leads to a magnificent display of colours, and on account of their hard¬ 
ness their polished surfaces never become dull by wear. The 
crystalline nature of the diamond appears from the fact that it 
splits most easily in certain directions, and thus must possess a 
regular internal structure. The facets on the ordinary jewels are 
not the natural crystal surfaces, but are made artificially by grind¬ 
ing with diamond dust. Brilliants are diamonds with facets cut in a 
particular design. 

The size of a diamond is expressed in carats, a carat being about 
0*2 grams. The value of a diamond is roughly proportional to the 
square of its weight, but depends much on its optical quality and the 
way it is cut. 

Graphite is a greyish-black opaque solid, wdiich is so soft that it 
can be scratched with the finger nail. It is crystalline, though 
often not very distinctly so. It will conduct an electric current like 
a metal. 

1,0. M 
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Graphite is used for the leads of pencils, which consist of a mixture 
of clay and graphite. The hardness of the pencil depends upon 
how hard this mixture is baked. Graphite is the most refractory 
substance known. It does not vaporise appreciably until a tempera¬ 
ture of about 4,000° is reached, and even then it does not melt. 
Graphite crucibles are therefore frequently used. Graphite has 
recently acquired importance as a lubricant . A suspension of 
finely powdered graphite in oil is often used, as it reduces the oil 
consumption. 

Amorphous Carbon. In the amorphous state carbon is a black, 
light solid with properties ( e.g hardness, density and heat of com¬ 
bustion) which vary considerably with the method of preparation. 
Examples of amorphous carbon are charcoal and cohe, obtained 
respectively from wood and coal by carbonisation, i.e., by heating 
in the absence of air. Gas, tar and water are given off, and amor¬ 
phous carbon remains behind. Both charcoal and coke (particularly 
the latter) contain a certain quantity of ashy constituents. Carbon 
free from ash can be obtained by carbonising pure sugar. Another 
sort of amorphous carbon, used for black paint, printers’ ink and 
Indian ink, is lamp-black. This is prepared by burning various 
organic substances, e.g., oils and resins, and collecting the soot 
from the smoky flame. 

Adsorption. Amorphous carbon is able to take up other sub¬ 
stances on its surface. Thus charcoal has been long known to possess 
the property of removing evil-smelling substances from water. 
The process only takes place on the surface of the charcoal, and is 
therefore termed adsorption to distinguish it from absorption, in 
which the substance taken up is distributed throughout the whole 
mass of the material. The high adsorptive power of amorphous 
carbon depends on the large surface it possesses on account of its 
porous nature. One gram of a good adsorbing charcoal has a 
surface area of several hundred square metres. 

Eor special purposes charcoal can be activated, i.e., given a greater 
adsorptive power by special treatment. Examples of activated 
charcoals are medicinal charcoal, which is used to adsorb harmful 
substances from the alimentary canal or from the intestines ; gas- 
mash charcoal , used to remove poisonous substances in respirators ; 
commercial activated charcoal, used to remove benzene from coal 
gas and to recover valuable solvents from waste gases. Bone charcoal 
and blood charcoal (animal charcoal) are obtained by carbonising 
bones and blood respectively. They have a high adsorptive 
power, and are used medicinally and for decolorising solutions. 

The Interconversion of the Forms of Carbon. The recognition 
that diamonds, graphite and amorphous carbon are only different 
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forms of the same substance (in spite of their very different pro¬ 
perties) first arose from the discovery that they all give the same 
product of combustion, carbon dioxide. It was not until later that 
it was found possible to convert one form into another. It was 
found that at high temperatures (2,000°-3,000°) both diamond 
and amorphous carbon are transformed to graphite, which is thus 
the most stable form at high temperatures. The conversion of 
diamond to graphite is only of theoretical interest, but graphite is 
prepared on a large scale by heating impure kinds of amorphous 
carbon. The necessary high temperature is obtained by passing a 
very powerful electric current through the material itself. At 



Pig. 14. —Model of the diamond crystal lattice. The balls represent 
the carbon atoms. Each carbon atom is surrounded by four others 
at the corners of a tetrahedron. The distance between two adjacent 
atoms is 1-53A (lA » 10~ 8 cm.). 

3,000° most of the ashy constituents are volatilised, so that the 
graphite formed is almost free from ash even when impure starting 
materials are used. (Acheson graphite process.) 

Many attempts have been made to prepare diamonds from other 
forms of carbon. Diamond is the densest of all the forms of carbon, 
and hence, according to le Chatelier’s principle, we should expect 
its formation to be favoured by high pressures. Efforts to make 
diamonds artificially by using high pressures have, however, so far 
met with little success. 

The Crystal Lattice of Diamond and Graphite. The Carbon Mole¬ 
cule. By investigating the reflection of X-rays from a diamond 
crystal it is possible to determine the position of the single carbon 
atoms relative to one another. It has been found that they form a 
regular atomic lattice, in which each carbon atom is at the centre 
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of a regular tetrahedron, the corners of which are occupied by 
four other carbon atoms. Fig. 14 shows a model of the crystal 
lattice of the diamond. Each carbon atom in the diamond could 
be formally considered as a single molecule, but it is now considered 
more satisfactory to assume that the whole of any diamond crystal 
constitutes a single giant molecule . The hardness of the diamond 
shows that the forces between its atoms are much more powerful 
than the forces of cohesion which usually act between two mole¬ 
cules, and are similar in strength to the forces which hold the atoms 
together in the molecule of a chemical compound. Further, since 
carbon has a valency of four, and each carbon atom in the diamond 
has just four other atoms as its nearest neighbours, it is reasonable 
to assume that the atoms in the diamond are held together by 
chemical valency forces. The distance between the carbon atoms 
in diamond is 1'53A (lA = 1 Angstrom unit = 10“ 8 cms.) : this is 
almost exactly the same as the distance between two neighbouring 
carbon atoms in the molecule of an organic compound, where the 
carbon atoms are held together in a chain by chemical valency 
forces. In view of all these facts it is most natural to consider a 
diamond crystal as a single giant molecule. 

Investigation of the structure of graphite shows that the carbon 
atoms in it are arranged in layers. In each layer the carbon atoms 
are arranged in hexagons, and the distance between adjacent 
carbon atoms (1*45A) is approximately the same as in the diamond. 
The atoms in each layer are therefore presumably held together by 
chemical valency forces, as in the diamond. The distance between 
two adjacent layers, however, is much greater (3*4lA). The forces 
between atoms in different layers will be correspondingly smaller, 
like the physical forces of cohesion between different molecules. 
This explains the softness and lubricating properties of graphite. 
While a diamond crystal consists of a single three-dimensional 
giant molecule, a graphite crystal is built up of a pile of flat two- 
dimensional giant molecules bound relatively loosely together. 

In amorphous carbon the carbon atoms are joined together irre¬ 
gularly into groups of different sizes. These groups are packed 
together irregularly, leaving large empty spaces between them, thus 
producing the large surface which is characteristic of these forms of 
carbon. 

THE RELATION BETWEEN BOILING POINT AND THE SIZE OE 
MOLECULES 

Another circumstance which indicates that the solid forms of 
carbon contain very large molecules is the fact that their melting 
and boiling points are very high—over 4,000°. Substances with low 
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molecular weights like hydrogen, oxygen and nitrogen boil at 
temperatures far below room temperature. As the number of 
atoms in the molecule and the molecular weight increases, the 
boiling point usually rises. Thus chlorine (Cl 2 = 71) boils at — 35°, 
bromine (Br 2 = 160) at 59°, iodine (I 2 = 254) at 185°, phosphorus 
(P 4 — 124) at 280°, sulphur (S 8 = 256) at 445°. There are, however, 
a few important exceptions to this rule, of which we shall mention 
two examples. Water is much less volatile than would be expected 
from its formula (H 2 0 = 18), as is shown most clearly by comparing 
it with the hydrocarbon methane (CH 4 = 16), which is a gas boiling 
at — 161°. This was formerly explained by assuming the existence 
of larger complex molecules, e.g., (H 2 0) 2 , (H 2 0) 3 , etc., i.e chemical 
association . Nowadays the anomaly is usually explained by the 
fact that the molecule H 2 0 is not symmetrically constructed from 
an electrical point of view, while CH 4 has a high degree of symmetry. 
We may imagine the H 2 0 molecule to have two separate electric 
poles, in the same way that a permanent magnet has two magnetic 
poles, i.e., it is a dipole. Small dipole molecules attract one another 
much more strongly than electrically symmetrical molecules of 
the same size, and a dipole substance will therefore appear to be 
associated, as in comparing water with methane. The high boiling 
point of sodium chloride (1,440°) does not at first sight appear to fit 
in with the fact that it is built up from the small ions Na^ and Cl~, 
but it is explained quite naturally by the strong electrical forces 
between the ionic charges , which bind all the ions very firmly 
together. The still smaller volatility of diamond and graphite 
shows that the forces between the carbon atoms in these crystals 
must be even more powerful than the electrical forces between the 
ions of sodium chloride. 

The Chemical Properties of Carbon. At ordinary temperatures 
carbon shows very little tendency to take part in chemical reactions, 
e.g., it is unaffected by both acids and alkalies. It will only react 
with certain oxidising agents : thus graphite and amorphous carbon 
(particularly the latter) are oxidised by chloric acid (potassium 
chlorate + nitric acid) and by chromic acid (potassium dichromate 
+ sulphuric acid). At higher temperatures carbon becomes more 
active : thus amorphous carbon ignites in air at 400-500°, and 
graphite and diamond at about 800-1,000°. The affinity of carbon 
for oxygen is very great, and carbon is the reducing agent generally 
used for preparing the heavy metals. Its passivity towards oxygen 
at ordinary temperatures is not due to any lack of affinity, but to a 
very small reaction velocity. 

The affinity of the light metals for oxygen is often greater than that 



166 


THE NON-METALS 


of carbon. Thus magnesium will burn in carbon dioxide, the oxygen 
being removed and the carbon separating out. 

Carbon has a small affinity towards most other elements, though it. 
forms carbides with many metals on heating to a high temperature 
( e.g., calcium carbide, CaC 2 , and iron carbide, Ee 3 C). At high tem¬ 
peratures it will combine with hydrogen to give acetylene (C 2 H 2 ) 
and with nitrogen to give cyanogen ((CN) 2 ), hut in both cases only 
to a small extent. It has a somewhat greater affinity for sulphur, 
though the formation of carbon disulphide (CS 2 ) by heating carbon 
in sulphur vapour is far from complete. 

HYDROCARBONS 

Carbon forms an extremely large number of compounds with 
hydrogen (hydrocarbons), and a still larger number of compounds 
can be derived from the hydrocarbons by partial replacement of 
the hydrogen by oxygen, nitrogen and other elements. Since 
many of these compounds can be obtained from plants and animals, 
they have been given the name organic compounds, and the branch 
of chemistry which deals with them is called organic chemistry . 
The existence of such a large number of organic compounds depends 
on the great tendency of carbon atoms to combine with other carbon 
atoms to form large molecules. There is no very distinct division 
between organic and inorganic carbon compounds, and in organic 
chemistry it is usual to include a few hydrocarbons and other 
organic compounds which are closely related to the typical inorganic 
compounds of carbon. 

Methane, CH 4 , is the only hydrocarbon containing only one 
carbon atom in its molecule. Its formula shows that carbon is 
tetravalent. Methane is a colourless gas which burns with a non- 
luminous flame and when mixed with air or oxygen explodes with 
considerable violence, 

CH 4 + 20 2 -» C0 2 + 2H 2 0. 

It occurs in coal gas , and forms the chief constituent of the explosive 
gas in mines (fire-damp), and of natural gas, which in some districts 
occurs in sufficient quantity to be used for lighting and power. 
It is evolved when the remains of animals and plants decay in the 
absence of air (marsh gas), and is a constituent of intestinal gas. 

Acetylene, C 2 H 2 , is also a gas, and is prepared by the action of 
water on calcium carbide, 

CaC 2 + 2H a 0 Ca(0H) 2 + C 2 H 2 . 

The reaction takes place rapidly, with the evolution of a considerable 
amount of heat, and the acetylene evolved possesses a characteristic 
unpleasant smell, due to impurities in the carbide. Acetylene is an 
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endothermic compound, i.e ., heat is absorbed when it is formed 
from carbon and hydrogen, and heat is evolved when it decomposes 
into its constituent elements. It can explode (even in the absence 
of oxygen) by decomposing into carbon and hydrogen, though 
this only takes place with compressed acetylene. When acetylene 
is mixed with oxygen and ignited it explodes with extreme violence, 
since on account of its endothermic nature the heat evolved on 
combustion is very great. According to le Ch atelier’s principle, its 
formation should be favoured by high temperatures, and it has in 
fact been shown that a little acetylene is formed when carbon is 
heated to a very high temperature in hydrogen, e.g., when an electric 
arc burns in an atmosphere of hydrogen (the electrodes of an 
ordinary arc lamp are made of carbon). 

Besides gaseous hydrocarbons, a large number are known which 
are liquids or solids. Petrol, paraffin, lubricating oil and turpentine 
are mixtures of various liquid hydrocarbons, while paraffi.n wax , 
vaseline, naphthalene and rubber are examples of solid hydrocarbons. 

The Properties of Hydrocarbons. All the common hydrocarbons 
are colourless and insoluble in water. They have neither acidic nor 
basic properties, and possess hardly any power of dissolving salts. 


THE OXIDES OF CARBON 

The following scheme shows the oxides of carbon with their 
corresponding acids and salts :— 


Oxide. 

Corresponding acid. 

Name of salts. 

Carbon dioxide, C0 2 
Carbon monoxide, CO 

Carbonic acid, H z CO s 
Formic acid, H 2 C0 2 

i 

Carbonates 

Formates 


Carbon dioxide, C0 2 (often incorrectly named carbonic acid), is a 
colourless gas which can be condensed to a liquid by a pressure of 
about 50 atmospheres, and is available commercially as a liquid in 
steel cylinders. The freezing point of liquid carbon dioxide is 
— 57°, and its vapour pressure at this temperature is 5 atmospheres. 
If, therefore, we attempt to run liquid carbon dioxide out of a steel 
cylinder, solid carbon dioxide is actually obtained, since the evapora¬ 
tion of the issuing carbon dioxide cools it down to below — 57° so 
that it freezes. Its temperature falls to — 80°, since this is the 
temperature at which the vapour pressure of the solid carbon 
dioxide is one atmosphere {i.e., the “ boiling point ” of carbon 
dioxide). Solid carbon dioxide forms a snow-like mass which can 
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be collected in a canvas bag tied on to the nozzle of the cylinder. 
Carbon dioxide snow (or “ dry ice ”) is used for cooling down to 
— 80°. It is usually mixed with acetone or ether, since these mix¬ 
tures conduct heat better than solid carbon dioxide alone, and 
hence act as more rapid cooling agents, though they will not of 
course produce a lower temperature than the carbon dioxide alone. 

Carbon dioxide is prepared in the laboratory by the action of 
dilute hydrochloric acid on limestone or marble, often in a Kipps 5 
apparatus (see p. 76), 

CaC0 3 + 2HC1 CaCl 2 + H 2 0 + C0 2 . 

Commercially it is obtained from the flue gas of coke ovens, where 
it is formed by the combustion of carbon, 

C + 0 2 —^ C0 2 . 

The small amount of carbon dioxide in the air (about 0*03% in 
pure fresh air) is responsible for all the carbon contained in the plant 
and animal worlds. With the help of sunlight, plants assimilate 
carbon dioxide from the air, i.e., they absorb it and convert it into 
organic compounds by splitting off oxygen and adding on water. 
Animals obtain the necessary material for their organic matter by 
consuming plants or other animals. In-the process of breathing, 
carbon dioxide formed by the oxidation of organic substances in 
the body is once more returned to the atmosphere. (Carbon cycle 
in nature .) Carbon dioxide is formed in the soil by the slow oxida¬ 
tion of the organic matter (humus) present, and the air in pores 
and cracks in the soil often contains a large proportion of carbon 
dioxide. The air in deep wells often contains enough carbon dioxide 
to suffocate human beings, though suffocation is often due more to 
a deficiency of oxygen than to too much carbon dioxide. In either 
case the air may be tested by ascertaining whether a candle will 
burn in the well. Small concentrations of carbon dioxide have the 
effect of stimulating breathing, and it is therefore sometimes added 
to oxygen for reviving victims of suffocation or gas poisoning. 

Carbon dioxide is absorbed by bases to form carbonates. In 
order to free a gas from carbon dioxide it is bubbled through a 
wash-bottle containing a solution of sodium or potassium hydroxide, 
or passed through a U-tube containing granulated soda-lime. 
Carbon dioxide is detected by means of a solution of calcium (or 
barium) hydroxide : if air containing carbon dioxide is passed into 
such a solution the liquid becomes milky, owing to the precipitation 
of calcium (or barium) carbonate, 

Ca(OH) 2 + C0 2 CaC0 3 + H 2 0. 

At ordinary temperatures and a pressure of one atmosphere, 
water dissolves about its own volume of carbon dioxide. If water 
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is saturated with, carbon dioxide at a pressure greater than one 
atmosphere a greater amount of carbon dioxide will be dissolved, 
the weight dissolved being approximately proportional to the 
pressure (Henry’s law). If the excess pressure is removed, the 
excess dissolved carbon dioxide only comes off slowly as bubbles, 
though the process can be speeded up by shaking or stirring. 
Natural sparkling mineral waters are spring water which has 
absorbed so much carbon dioxide down in the earth that it appears 
as bubbles in the fresh water. Artificial mineral waters and sparkling 
drinks (e.g., soda water) are prepared by saturating water with 
carbon dioxide at about two atmospheres pressure, salts and fruit 
essences being added to give flavour. 

Carbonic Acid, H 2 C0 3 . Aqueous solutions of carbon dioxide 
have a slightly acid reaction towards litmus and a slightly acid 
taste, thus showing that a part of the carbon dioxide must have 
combined with the water to give an acid. This acid (carbonic acid) 
must, however, be very unstable, since by boiling the solution or 
passing a current of air through it, both the free and the combined 
carbon dioxide are rapidly expelled. 

The chemical formula of carbonic acid is H 2 C0 3 , as shown by 
the composition of its salts (as for sulphurous acid, see p. 80). It 
follows from the behaviour described above that the process 

h 2 o + co 2 ^h 2 co 3 

must be reversible and mobile at ordinary temperatures. According 
to recent investigations it takes a certain time (at most a few 
minutes) for this equilibrium to be set up, and at equilibrium less 
than 1% of the carbon dioxide is hydrated to carbonic acid. Thus 
when carbon dioxide is dissolved in water only a very small fraction 
of it reacts with the water to form carbonic acid, and this reaction 
takes an appreciable time to take place. Similarly, when carbonic 
acid is liberated from a carbonate by adding a strong acid, the 
greater part of it is transformed to carbon dioxide, and this change 
also takes an appreciable time. 

Carbonic acid must be a weak acid , since its solutions in water 
only contain small quantities of hydrogen ions. This is shown by 
their weakly acid reaction, their low electrical conductivity and 
their normal freezing point depression. Water saturated with 
carbon dioxide contains about 0*05 moles per litre, of which only 
about 0*2% is dissociated according to the equation 

H 2 0 + C0 2 -> H+ + HC0 3 - 

The hydrogen ion concentration is therefore about 0*05 X 0*002 
= 0*0001, i.e., pH — about 4. The second hydrogen atom in 
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carbonic acid is still more firmly bound than the first, and the 
process 

HC0 3 - = H+ + C0 3 = 

takes place to such a small extent in solutions of carbon dioxide 
that it contributes nothing to the hydrogen ion concentration of 
these solutions. 

The strength exponent (see p. 115) is pK x = 6*51 for the first 
hydrogen atom and pK 2 = 10*34 for the second hydrogen atom. 
Solutions containing carbon dioxide, bicarbonates and carbonates 
can thus be used as buffer solutions for obtaining pH-values in the 
neighbourhood of these figures. Solutions containing both carbon 
dioxide and bicarbonates will have pH-values near 6*5, while 
solutions conta inin g both carbonates and bicarbonates will have 
pH-values near 10*3. Fig. 13, p. 117, shows the general connection 
between the pH-value of a solution and the state of the carbonic 
acid. 

Bicarbonates (hydrogen carbonates), R(HC0 3 ) n . Being a dibasic 
acid, carbonic acid forms both acid and normal salts. The most 
important of the acid salts is sodium bicarbonate ( u bicarbonate of 
soda ”), NaHCO a . All known bicarbonates are soluble in water 
and are ionised according to the equations of the type 

rhco 3 ->b+ + hco 3 - 

The hydrogen atom in the bicarbonate ion (the second hydrogen 
atom in carbonic acid) is extremely firmly bound, and is not ionised 
sufficiently to give the solution an acid reaction. The acid pro¬ 
perties of the bicarbonate ion are, however, shown by its tendency 
in alkaline solution to give up a hydrogen ion to hydroxyl ion, i.e. ; 
HC0 3 - + OH- -* CO 3 “ *+ H 2 0. 

The bicarbonate ion is not only an acid, but also a base. It 
reacts with water, though only to a very small extent, according 
to the equation 

HCO 3 - + H 2 0 -* H 2 C0 3 + OH-. 

A pure bicarbonate solution has a slightly alkaline reaction 
(pH = about 8 ), so that the basic nature of the bicarbonate ion is 
slightly stronger than its acidic nature. 

Normal Carbonates. Most normal carbonates are insoluble in 
water, only the carbonates of the alkali metals and ammonium 
being soluble. All carbonates are decomposed by strong acids , 
carbonic acid being liberated ; they are dissolved during the process 
unless the salt formed is insoluble ( e.g ., silver carbonate is decom¬ 
posed by hydrochloric acid, but is not dissolved, since silver chloride 
is insoluble). 
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In aqueous solution normal carbonates, e.g., sodium carbonate 
(soda), are dissociated according to the scheme 

Na 2 C0 3 —> 2Na + -f- C0 3 “ (ionisation). 

This dissociation is very complete : since, however, the carbonate 
ion has strongly basic properties it reacts partly with the water 
according to the equation 

C0 3 - + H a O ->HCO s - + 0H“ (hydrolysis). 

On account of this hydrolysis , solutions of normal carbonates have 
an alkaline reaction . In a 0-1M solution of sodium carbonate 
(28*6 g. soda crystals per litre) 3% of the salt is hydrolysed and the 
hydroxyl ion concentration of the solution is thus 0*1 X 0*03 = 0*003, 
i.e., pH = about 11*5. The use of washing soda as a cleansing agent 
depends upon this alkaline reaction, since quite small concentrations 
of hydroxyl ions have a dissolving and softening effect on some 
organic substances ( e.g proteins, paint, etc.) and an emulsifying 
effect on others (e.g., fats). The hydroxyl ion concentration (and 
hence the cleansing power) of a solution of soda is intermediate 
between that of soap solution and that of sodium hydroxide solution 
(caustic soda). 

Carbonates are used widely for neutralising acid liquids or acid 
substances , since even a weak acid is able to displace the carbonic 
acid from carbonates. Sodium carbonate is much used in the labora¬ 
tory for neutralising free acid. Sodium bicarbonate is used medi¬ 
cinally for neutralising the acid of the gastric juice. The bicarbonate 
is preferable to the carbonate because it has not such a strongly 
alkaline reaction and hence there is less danger of it attacking the 
sensitive mucous membranes- Calcium carbonate is used in agri¬ 
culture in the form of chalk or marl for neutralising acid soil. On 
account of its very small solubility in water it can be added in large 
quantities without any danger of corrosive action or of being washed 
away quickly by rain. An excess of calcium carbonate can be left 
for years in the soil without harmful effect. 

Baking powders usually consist of a mixture of a carbonate 
(sodium bicarbonate or calcium carbonate) with a weakly acid 
substance (potassium hydrogen tartrate, primary calcium phos¬ 
phate, etc.). When the baking powder comes into contact with 
the moist dough, the acid substance will expel the carbon dioxide 
from the carbonate and cause the dough to rise. Ammonium 
carbonate can be used alone as a baking powder, as on heating it 
gives off gaseous carbon dioxide, the ammonia being absorbed by 
the dough. 

Carbon monoxide, CO, is a colourless gas only slightly soluble in 
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water. It burns to carbon dioxide with a blue, faintly luminous 
flame, much heat being evolved, 

2CO + 0 2 —> 2C0 2 . 

It occurs wherever carbon or compounds containing carbon are 
incompletely oxidised, e.g., in coal gas and in the exhaust gases 
from engines and furnaces. Carbon monoxide is very poisonous , 
and is particularly dangerous because it is odourless and can be 
inhaled for some time without noticing any effects. Its poisonous 
action depends on its affinity for haemoglobin, the red pigment of 
the blood. Haemoglobin possesses the property of combining with 
the oxygen in the lungs to form an unstable addition compound, 
oxyhaemoglobin, and transports the oxygen in this form to the 
parts of the body where it is needed. Carbon monoxide displaces 
the oxygen from oxyhaemoglobin, forming carboxyhaemoglobin, i.e., 
Hb . 0 2 + CO ^ Hb . CO + 0 2 . 

The carbon monoxide is attached so firmly to the haemoglobin 
that 0*5 volume per cent, of carbon monoxide in the air inhaled by 
human beings will lead to death in 5 to 10 minutes. The organism 
ceases to function through lack of oxygen, although there may be 
plenty of oxygen in the air. The above reaction is reversible, and 
a victim of carbon monoxide poisoning can therefore be saved if 
brought into fresh air in time. 

Carbon monoxide is prepared by warming formic acid, H 2 C0 2 , 
with concentrated sulphuric acid. The sulphuric acid removes 
water and the carbon monoxide is given off as a gas. 

H 2 C0 2 H 2 0 + CO. 

Carbon monoxide is the anhydride of formic acid, just as carbon 
dioxide is the anhydride of carbonic acid. However, in contrast 
to carbon dioxide, at ordinary temperatures carbon monoxide will 
not combine with water to give an acid, nor with alkalies to give 
salts. It is only at a temperature of 150°-200° that carbon 
monoxide will combine with sodium hydroxide to form sodium 
jormate , the sodium salt of formic acid, 


The decomposition of formic acid to carbon monoxide and water 
according to the equation 

H 2 C0 2 ^ H 2 0 -f CO 

is thus reversible , but is not mobile at ordinary temperatures. 
Carbon monoxide does not behave like an acid anhydride at room 
temperatures, but does so in the neighbourhood of 200°, as shown 
by its reaction with sodium hydroxide. 

Formic acid, H 2 C0 2 , is a colourless liquid, soluble in water and 



CARBON 


173 


having nearly the same boiling point as water (101°). In contact 
with the skin it gives rise to painful swellings. 

In spite of its two hydrogen atoms, formic acid is only a monobasic 
acid, as one of the hydrogen atoms belongs to the acid radical and 
cannot be replaced by a metal. The acid hydrogen atom is pre¬ 
sumably bound to oxygen, while the other is bound directly to car¬ 
bon. The following structural formulae show the way in which the 
atoms are assumed to be joined together in formic acid and carbonic 
acid, 


H—O v 

yU = U 

W 

formic acid. 


H—O x 

>C = 0 

H—Cr 

carbonic acid. 


Both acids contain the group of atoms 

HOv 

= 0, or more simply —COOH. 


This group is called the carboxyl group, and acids containing it are 
called carboxylic acids. Formic acid, HCOOH, is the simplest 
carboxylic acid. Closely related is the important compound 
acetic acid , which contains the methyl group — CH 3 in place of a 
hydrogen atom, and has the formula CH 3 COOH. 

The carbon atom in formic acid is tetravalent, while it is 
divalent in carbon monoxide. The carbon in these two compounds 
thus has different valencies although it is in the same state of 
oxidation. 

Formic acid is prepared commercially by passing producer gas 
(consisting chiefly of carbon monoxide and nitrogen, see p. 189) 
over heated sodium hydroxide. This gives sodium formate, from 
which formic acid itself is obtained by distilling with a stronger 
acid, e.g ., dilute sulphuric acid. 


CHEMICAL CHANGE. IV 


THERMOCHEMISTRY 

Application o! the Law of Conservation of Energy. A chemical 
process is usually accompanied by the evolution or absorption of a 
certain amount of heat (the heat of reaction). If the process gives 
out heat, the heat of reaction is said to be positive and the process 
is termed exothermic. If heat is absorbed, the heat of reaction is 
negative and the process is endothermic. In an exothermic process 
the substances which react contain more energy than the substances 
which are formed, while the opposite is true of an endothermic 
process. If a process does not involve the liberation or consumption 
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of any kind of energy other than heat, then by the law of conserva¬ 
tion of energy the heat of reaction must be equal to the difference 
in the energy contents of the reacting substances and the substances 
formed. The heat of reaction must therefore be independent of 
the way in which the process is carried out, and its value must be 
completely determined by the initial and final state of the substances 
concerned in the reaction (Hess's law). 

Example. In preparing a solution of ammonium sulphate from 
ammonia, concentrated sulphuric acid and water, the process can be 
carried out in a number of different ways. We may begin by mixing 
the water and the sulphuric acid, which will be accompanied by the 
evolution of a considerable amount of heat: say Q x calories. The 
ammonia is then passed into this solution, which will cause a second 
heat evolution, Q 2 cals. The total heat of reaction in this case is there¬ 
fore Qi + Q 2 cals. Alternatively, we may first pass the ammonia into 
water and then add the sulphuric acid. This will also give two positive 
heat evolutions : Q 3 on dissolving the ammonia and Q 4 on adding the 
sulphuric acid, but neither Q 3 nor Q 4 will be the same as Q x and Q 2 . 
However, according to Hess’s law, the sum of the consecutive heats of 
reaction must be the same in the two alternative methods of preparation, 
i.e. f we must have 

Qi -f" Q 2 ” Q 3 4“ Q4- 

The heats of reaction of a process and the corresponding reverse 
process must have the same numerical value, but opposite signs. 
This also follows from the law of conservation of energy. 

Thermochemical Equations. An ordinary chemical equation can 
be transformed to a thermochemical equation by adding a term 
which states the heat of reaction. In thermochemical equations 
the chemical symbols represent gram-molecules (or gram-atoms) 
and the heat of reaction is expressed in gram-calories. 

The equation for the combustion of carbon is 
C + 0 2 C0 2 . 

On burning one gram of amorphous carbon about 8,000 cals, is 
evolved : hence the heat of combustion of a gram-atom (12*00 g.) is 
12 X 8,000 = 96,000 cals. The thermochemical equation for the 
combustion of carbon is therefore 

C ~f- 0 2 —^ C0 2 ~j- 96,000 cals. 

Thermochemical equations can be added and subtracted just like 
ordinary equations, since according to Hess’s law the heat of reaction 
of the net process is equal to the sum of the heats of reaction of the 
partial processes. The terms on both sides of the equation may all 
be multiplied by the same number, since if n times as many mole¬ 
cules react, the heat of reaction will be n times as great. Finally, 
the heat of reaction can be transposed to the other side of the 
equation, provided its sign is altered, since (as stated above) the 
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heats of reaction of the forward and reverse processes are numerically 
equal, but of opposite sign. 

Thermochemieal Calculations. By suitable addition and sub¬ 
traction of thermochemical equations it is possible to calculate the 
heat of reaction of processes which cannot be investigated directly. 

As an example of such a calculation we shall show how the heat 
of formation of carbon monoxide can be obtained. It cannot be 
determined by direct experiment, since carbon bums directly to 
carbon dioxide and not to carbon monoxide, but it can be calculated 
from the heats of combustion of carbon and carbon monoxide. 
The thermochemical equation for the combustion of carbon has 
already been given. Tor carbon monoxide we have 
2CO + 0 2 2C0 2 + 135,400 cals., 

since 1 litre of carbon monoxide (measured at 0° and 1 atmosphere) 
evolves 3,022 cals, on combustion, so that 2 gram-molecules 
(44*8 litres) evolves 3,022 X 44-8 = 135,400 cals. If the equation 
for the first combustion is multiplied by two and the second sub¬ 
tracted from it, we obtain 

2C + 0 2 —>• 2CO + (2 X 96,000 - 135,400) cals, 
or, . 20 + 0 2 -> 2CO + 56,600 cals. 

When the first atom of oxygen is attached to carhon, the heat of 
reaction per mole of CO is one-half of 56,600, i.e., 28,300 cals. 
When the CO molecule adds on a second atom of oxygen to give 
carhon dioxide, the heat of reaction per mole is 135,400/2 = 
67,700 cals. The heat evolution associated with the addition of 
the first oxygen atom is thus less than half the heat evolution on 
adding the second oxygen atom. This is certainly partly due to 
the fact that the first process involves breaking the strong bonds 
between the carbon atoms in solid carbon, while the second process 
is merely the simple addition of oxygen to the carbon monoxide 
molecule. 

The heat of reaction in a chemical process depends upon the state 
of aggregation of the substances on both sides of the equation. For 
example, the heat of formation of one mole of water vapour (from the 
gaseous elements) is 57,850 cals., while the corresponding figure for one 
mole of liquid water is 68,400 cals. The difference is equal to the heat 
of vaporisation of one mole of water. If a substance takes part in a 
reaction in a form other than that in which it usually occurs, this must 
be stated in the thermochemieal equation ; similarly, if a substance 
can exist in several modifications , the modification actually present 
must be specified. In the above calculations it has been assumed that 
the carbon involved was present as a particular kind of amorphous 
carbon. For diamond, all the heats of reaction would be a little smaller. 
If a substance is present in aqueous solution , this must be indicated in 
the equation, usually by the suffix - aq . Finally, the heat of reaction 
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depends somewhat on the external conditions, e.g„ the temperature 
and the concentration of the solutions. It is also important to know 
whether the reaction takes place at constant pressure (e.g., in open 
vessels at atmospheric pressure) or at constant volume (in a closed 
vessel). If the process involves the production of other kinds of energy, 
such as electrical energy (from a galvanic cell) or mechanical energy 
(from an internal combustion engine), then the heat of reaction will 
naturally be correspondingly smaller. 


The following table gives the heats of reaction of a number of 
chemical processes, all at room temperature and at constant 
volume:— 


h 2 + Cl 2 

■ 2H01 

-{- 128,000 cals. 

+ 44,000 „ 

H 2 + Br 2 (liquid) 


+ 16,900 „ 

H 2 +1 2 (solid) 


- 12,300 „ 

H 2 +1 2 (gaseous) 

• 2HI 

+ 2,800 „ 

2H 2 + 0 2 

• 2H 2 0 (liquid) 

+ 136,800 „ 

2H 2 + 0 2 

• 2H 2 0 (vapour) 

+ 115,700 „ 

3H 2 — N~2 


+ 21,900 „ 

H 2 + 2C (diamond) 


- 54,000 „ 

20 s 

o 

CO 

-f 70,000 „ 

P (yellow) 

• P (red) 

+ 4,000 „ 

n 2 + 0 2 

-2NO 

- 43,200 „ 

C (amorphous) + 0 2 


+ from 94,150 to 

C (graphite) + 0 2 

-co 2 

97,800 cals. 

+ from 94,000 to 

C (diamond) + 0 2 


94,300 cals. 

+ 94,480 cals. 

2CO -}- 0 2 


+ 135,400 „ 

H+ (aq.) + OH- (aq.) 


+ 13,700 „ 


The last reaction gives the heat evolved in the neutralisation of 
aqueous solutions of strong acids by aqueous solutions of strong 
bases. As previously mentioned (p. 113), the actual process taking 
place in such a neutralisation is the combination of a hydrogen ion 
(a hydroxonium ion) with a hydroxyl ion to give water. 

Affinity and Heat of Reaction, Most chemical processes which 
take place spontaneously at ordinary temperatures are exothermic. 
It was at one time believed that all spontaneous processes were 
exothermic (Julius Thomsen's rule), and that the value of the heat 
of reaction constituted a quantitative measure of the affinity. 
Later investigations showed that this is only exactly true at absolute 
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zero. The higher the temperature, the greater number of reactions 
are found to take place spontaneously in an endothermic direction. 
(This agrees with le Chatelier’s principle.) Room temperature is 
sufficiently near to absolute zero for most reactions to take place 
spontaneously in an exothermic direction, but at very high tempera¬ 
tures (2,000°-3,000°) the position is reversed, and the endothermic 
changes predominate. 

It is thus incorrect to use the heat of reaction as a direct measure 
for the affinity, and it is not even safe to use the sign of the heat of 
reaction as a basis for predicting in which direction a reaction will 
take place spontaneously. Nevertheless, a knowledge of the heat 
of reaction will often provide valuable information as to the affinity 
and course of a reaction. At sufficiently low temperatures all 
reactions will take place in an exothermic direction, and the greater 
the heat of reaction, the higher will be the temperature at which 
the direction of spontaneous change is reversed. The value of the 
heat of reaction can thus be used to make an estimate of what 
temperature must be reached in order to make a reaction take place 
in an endothermic direction. This estimate is best made by com¬ 
paring with other reactions (as similar as possible to the reaction 
being considered), the behaviour of which is known at different 
temperatures. 

Example. By considering the heats of formation of the hydrogen 
halides (see table), we can deduce that hydrogen iodide is probably an 
unstable compound which will decompose spontaneously to hydrogen 
and solid iodine. The other hydrogen halides should be formed spon¬ 
taneously at ordinary temperatures, and the temperature at which 
they begin to dissociate into their components should increase in the 
order: hydrogen bromide, hydrogen chloride, hydrogen fluoride. 

THE STABILITY RELATIONS OF CARBON DIOXIDE AND CARBON 
MONOXIDE 

Carbon dioxide is a very stable compound, and it is not until 
white heat that it begins to dissociate appreciably into carbon 
monoxide and oxygen, according to the equation 

2C0 2 —> 2C0 + 0 2 . 

This agrees with the fact that the formation of carbon dioxide 
from carbon monoxide and oxygen is accompanied by the evolution 
of a considerable amount of heat (135,400 cals.). Carbon dioxide 
is much more readily transformed to carbon monoxide in the 
presence of carbon. When passed over red-hot carbon the following 
reaction takes place, 

C0 2 + C 2CO. 
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This process does not go to completion, but leads to a mixture of 
carbon monoxide and carbon dioxide in equilibrium with carbon. 
The composition of the equilibrium mixture depends on the tempera¬ 
ture and on the pressure. The following table gives the percentage 
of carbon monoxide in the equilibrium mixture at different tempera¬ 
tures under a pressure of one atmosphere. 

Temperature . 500° 600° 700° 800° 900° 1,000° 

% GO . 5 23 58 93 96-5 99-3 

These figures show that the amount of carbon monoxide formed 
increases rapidly with increasing temperature. Carbon dioxide 
predominates in the equilibrium mixture below 700°, and carbon 
monoxide above 700°. According to le Chatelier’s principle, the 
formation of carbon monoxide must therefore be an endothermic 
process. This also follows from the thermochemical equations for 
the combustion of carbon and carbon monoxide. We have 
C + 0 2 -> C0 2 + 96,000 cals. 

2 CO + 0 2 2CO s + 135,400 cals, 
and hence by subtraction 

C0 2 + C 2CO - 39,400 cals, 

showing that the formation of carbon monoxide is endothermic. 

In using carbon as a reducing agent it is converted either to carbon 
monoxide or to carbon dioxide, a mixture of both compounds being 
usually formed. If a large excess of carbon is used and the gases 
formed have time to come to equilibrium, then the final gaseous 
products must have the composition given above, i.e ., carbon 
dioxide will predominate below 700° and carbon monoxide above 
700°. 

THE SULPHUR COMPOUND OF CARBON 

Carbon disulphide, CS 2 , is a colourless volatile liquid (B.P. 46°) 
with a high refractive index. In the pure state it has a pleasant 
ethereal smell, but the commercial product always has a very 
unpleasant smell owing to the presence of impurities. It will burn 
to carbon dioxide and sulphur dioxide, 


and is very inflammable owing to its volatility and its low ignition 
temperature (about 150°). If poured into water it will not dissolve, 
but forms a separate layer beneath the water (its density being 1*3). 
Carbon disulphide is an excellent solvent for many non-metals 
(bromine, iodine, sulphur, phosphorus) and for many organic 
substances, e.g fats. It is used commercially for extracting fats, 
e.g*, from bones. It is prepared by passing sulphur vapour over 
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red-hot coke and condensing the vapours of carbon disulphide 
formed. 

THE NITROGEN COMPOUNDS OF CARBON 

These compounds are chiefly dealt with in organic chemistry. 
We shall only mention here the cyanogen compounds, which contain 
the monovalent cyanide radical CN, the properties of which resemble 
those of the halogens. 

Free cyanogen, (GTH) 29 is a colourless poisonous gas. Its density 
shows that its molecule contains two cyanide radicals. 

Hydrogen cyanide (hydrocyanic acid, prussic acid), HCN, is a 
colourless, very volatile liquid which is soluble in water. It is a very 
weak acid (pK = 9*2), and its salts are called cyanides . It is 
prepared from its salts by distilling with sulphuric acid, e.g., 

2KCN + H 2 S0 4 -> K 2 S0 4 + 2HCN. 

Hydrogen cyanide has a characteristic smell and is one of the 
most poisonous substances known. It is used for destroying harmful 
insects and animals. 

Cyanides* Potassium cyanide , KCN, and sodium cyanide, NaCN, 
are typical salts, colourless and very soluble in water. Like hydrogen 
cyanide, they are extremely poisonous . In aqueous solution they are 
first dissociated into metal ions and cyanide ions CN~, and since the 
cyanide ion is quite a strong base, they are also considerably 
hydrolysed, 

CN- + H 2 0 -> HCN + OH- 

Their aqueous solutions therefore have a strongly alkaline reaction, 
smell of hydrogen cyanide, and give off vapours containing hydrogen 
cyanide on boiling. Silver cyanide (like silver chloride) is a white 
salt insoluble in water and in nitric acid. 

The simple cyanides of the heavy metals are much less important 
than the double cyanides , which can be formally considered as 
compounds of two cyanides. Thus iron forms two beautifully 
crystalline double cyanides, the yellow potassium ferrocyanide , 
K 4 Fe(CN) 6 = 4KCN, Fe(CN) 2 , and the red potassium ferri- 
cyanide, K 3 Fe(CN) 6 — 3KCN, Fe(CN) 3 . Silver forms the colourless, 
very soluble double cyanide KAg(CN) 2 = KCN, AgCN. It is 
important to note that aqueous solutions of these compounds 
contain no cyanide ions , ionisation taking place according to the 
equations 

K 4 Fe(CN) 6 =* 4K+ 

K 3 Fe(CN) 6 = 3K+ Fe(CN) 6 =~ 

KAg(CN) 2 = K+ • Ag(CN) 2 ~ 
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The anions in these salts are thus not cyanide ions, but complex ions 
(cf. p. 94) in which several cyanide ions are combined firmly with 
the ion of the heavy metal. To indicate this fact the formulae of 
the salts are often written K 4 [Fe(CN) 6 ], K[Ag(CN) 2 ], etc. They 
may be considered as the potassium salts of the following acids :— 

H 4 Fe(CN) 6 , hydrogen ferrocyanide 

H 3 Fe(CN) 6 , hydrogen ferricyanide 

HAg(ON) 2 , hydrogen argentocyanide 

The first two acids are known as crystalline soluble solids, but the 
last is unstable and is.not known in the free state. All cyanides 
giving solutions which do not contain cyanide ions are called 
complex cyanides . The complex cyanides need not of course exhibit 
those properties of the simple cyanides which are due to the cyanide 
ions. Thus the complex iron cyanides differ from the alkali cyanides 
in not being very poisonous and not giving strongly alkaline solu¬ 
tions. 

If potassium ferrocyanide is added to a solution of a ferric salt, a 
dark blue precipitate of Prussian blue is formed. An almost identical 
precipitate of Turnbull's blue is obtained by mixing potassium 
ferricyanide and a ferrous salt. The composition of these precipi¬ 
tates is variable and complex. Their blue colour is due to the 
presence of both divalent and trivalent iron. A precipitate of 
reddish-brown cupric ferrocyanide , Cu 2 [Fe(CN) 6 ] is used as a semi- 
permeable membrane in osmotic experiments (see p. 31). 

Cyanides axe formed by heating substances containing both carbon 
and nitrogen in the presence of basic substances. Thus potassium 
cyanide is formed by heating nitrogenous organic matter (such as 
dried blood) with potassium carbonate. Potassium cyanide itself 
is very soluble and difficult to purify by crystallisation, and it is 
therefore converted to potassium ferrocyanide (which can easily 
be obtained pure by recrystallisation) by adding ferrous carbonate, 

6KCN + FeC0 3 K 4 Fe(CN) 6 + K 2 C0 3 . 

Potassium ferricyanide is obtained by oxidising potassium ferro- 
cyanide. 

Potassium cyanate, KCNO. Potassium cyanide has powerful 
reducing properties, being readily converted to potassium cyanate 
by adding on an atom of oxygen. Thus on fusing with lead oxide, 
potassium cyanate and metallic lead are formed, 

KCN + PbO KCNO + Pb. 
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Potassium cyanate is the potassium salt of cyanic acid , HCNO. 
If cyanic acid is liberated by adding a strong acid like hydrochloric 
acid to a solution of potassium cyanate, it is immediately hydro¬ 
lysed to carbon dioxide and ammonia, 

HCNO + H 2 0 C0 2 + NH S . 

The carbon dioxide goes off as a gas, while the ammonia combines 
with the hydrochloric acid. 

Potassium thiocyanate (potassium sulphocyanide), EONS, is pre¬ 
pared by fusing together potassium cyanide and sulphur. It is a 
white salt readily soluble in water. With ferric salts it gives an 
intense red colour, due to the formation of unionised ferric thio¬ 
cyanate > Fe(CNS) 3 . It can thus be used for detecting small quan¬ 
tities of ferric salts. It is derived from thiocyanic acid , HCNS. 

Cyanamide, CN . NH 2 . When chlorine is passed into hydrogen 
cyanide, cyanogen chloride , CN . Cl, is formed, 

HCN + Cl 2 -> HC1 + CN . Cl. 

Cyanogen chloride reacts with am m onia to give cyanamide , CN. NH 2 , 
CN. Cl + 2NH 3 -> CN . NH 2 ~f NH 4 C1. 

Cyanamide is a crystalline solid readily soluble in water which 
acts as a weak dibasic acid. Its most important salt is calcium 
cyanamide, CN . NCa, or CaCN 2 , which is used as a nitrogen fertiliser. 
It is somewhat soluble in water, and the solution has an alkaline 
reaction owing to hydrolysis. 

Calcium cyanamide is prepared by heating calcium carbide in a 
stream of nitrogen free from oxygen, 

CaC 2 + N 2 -> CaCN 2 + C. 

The nitrogen is obtained by fractionating liquid air. The commer¬ 
cial product is a grey powder only partly soluble in water. It always 
contains carbon and calcium oxide or hydroxide as well as calcium 
cyanamide, and its nitrogen content is usually about 20% (pure 
calcium cyanamide contains 35% nitrogen). 

In the soil the weak acid cyanamide is first liberated by the action of 
carbon dioxide, and this compound is then usually converted rapidly 
(by catalysts and bacteria in the soil) into urea and ammonium carbonate, 
in which the nitrogen is directly available to the plants (see p. 143). 

CN . NCa 4- C0 2 + H 2 0 - • CN . NH 2 + CaC0 3 
CN . NH 2 + H 2 0 - CO(NH 2 ) 2 (urea) 

CO(NH 2 ) 2 + 2H a O - - (NH 4 ) 2 C0 3 

The cyanamide sometimes undergoes a different kind of transformation ; 
thus on warming with water it may be converted to dicyandiamide, 
C 2 N 4 H 4 . The factors which determine the transformation of cyanamide 
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to urea in the soil are still incompletely understood, and if this trans¬ 
formation takes place slowly, a portion of the eyanamide may turn to 
dicyandiamide. This change is disadvantageous, since dicyandiamide 
is a very stable substance and its nitrogen is not available to plants : 
in fact, if present in considerable quantities it may act as a poison. 
The formation of dicyandiamide has also been observed when calcium 
eyanamide is stored for a long time, so that the nitrogen content of a 
specimen of calcium eyanamide is not always a good measure of its 
value as a fertiliser. 

Ammonia can be prepared from calcium eyanamide by treating it 
with superheated steam, 

OaCN 2 + 3H 2 0 CaC0 3 + 2NH 3 . 

THE METALLIC COMPOUNDS OF CABBON 

At high temperatures carton will combine with many metals 
to give carbides , which are decomposed by water or by acids with 
the evolution of hydrocarbons. 

Calcium carbide, CaC 2 , is prepared by heating coke and quicklime 
to a very high temperature in an electric furnace, 

CaO + 3C -> CaC 2 + CO. 

The commercial product is a grey solid. Calcium carbide reacts 
with water to give acetylene, 

CaC 2 + 2H 2 0 -> Ca(OH) 2 + C 2 H 2 . 

Aluminium carbide, A1 4 C 3 , is prepared by heating aluminium 
oxide and carbon in an electric furnace. It evolves methane slowly 
with water and more rapidly with hydrochloric acid, 

A1 4 C 3 + 12HC1 -> 4A1C1 3 + 3CH 4 . 


FUELS 

Heat energy is obtained almost exclusively by burning various 
fuels containing carbon. For use as a fuel, a substance must have 
two properties : in the first place it must combine with oxygen 
with the evolution of a large amount of heat, and in the second place 
the velocity of the reaction between the substance and oxygen 
must be very small at ordinary temperatures and only become 
great on heating to a certain temperature, called the ignition 
temperature. The last condition is necessary in order that we may 
control when and where the heating power of the fuel shall be 
developed. The smaller the reaction velocity at ordinary tempera¬ 
tures, the less danger there is of spontaneous ignition or of the 
development of heat in the wrong place. On the other hand, this 
property will usually be accompanied by a high ignition tempera¬ 
ture, i.e., it will be difficult to obtain the heat rapidly from the fuel. 
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In the following sections we shall describe the most important 
solid, liquid and gaseous fuels. 

Solid Fuels 

Natural Fuels. The black substances obtained in coal mines all over 
the world contain little free carbon, but consist chiefly of organic 
compounds containing a high percentage of carbon combined with 
hydrogen and oxygen. The various forms of coal have been formed 
from the remains of plants which have remained buried for a very 
long time and undergone radical changes. Wood, peat, lignite , coal 
and anthracite are all stages in this natural process of carbonisation. 
The following table shows how the composition of the material 
changes as the carbonisation progresses. (The figures are average 
values for material free from ash and moisture.) 



% carbon . 

% hydrogen . 

% oxygen . 

% nitrogen. 

Wood 

50 

6 

43 

1 

Peat . 

59 

6 

34 

1 

Lignite 

69 

6 

24 

1 

Coal . 

82 

5 

12 

1 

Anthracite . 

95 

24 

2-4 

0*2 


During the process of coal formation, carbon dioxide, water and 
small amounts of hydrocarbons are given off, and the remaining 
substance thus acquires a gradually increasing carbon content and 
a gradually decreasing oxygen content. The original structure of 
the plants is partly preserved in lignite, but is largely absent in 
coal and anthracite. 

All the substances formed by the process of natural carbonisation 
are used as fuels. The most important of them is bituminous coal , 
often described simply as coal. Different varieties differ considerably 
in the amount of gas which they give off on heating. Domestic or 
house coal does not give off much gas on heating, and burns with a 
short and rather smoky flame. Steam coal gives off more gas and 
bums with a long flame, which can extend, e.g., under a long steam 
boiler. It is chiefly used in factories, and is often sold in very large 
lumps. Gas coal gives off large quantities of gas, and is used for 
manufacturing coal gas. Bituminous coal is easily ignited, which 
is in many cases an advantage, but which also leads to a danger 
of spontaneous ignition when it is stored in large heaps or in the holds 
of ships. 
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Artificial Fuels. All the natural solid fuels give off volatile 
substances on dry distillation (i.e., heating in absence of air) and are 
converted to amorphous carbon containing varying amounts of ash. 
Heating thus brings about further carbonisation . 

Charcoal has been obtained for many centuries by the incomplete 
combustion of piles of wood, the heat necessary for carbonisation 
being chiefly supplied by the combustion of the volatile constituents 
of the wood. This procedure is uneconomic, since it does not 
permit of the recovery of the valuable volatile products. Nowadays 
charcoal is obtained by heating wood in closed retorts, with a pipe 
to lead off the volatile substances (wood gas, wood tar). 

Coke is obtained in gasworks and coke factories by heating coal 
in retorts. In gasworks the combustible gas is the chief product, 
and the process is carried out with the object of obtaining a high 
quantity and quality of gas. In coke factories, on the other hand, 
the chief object is to obtain coke of good quality. Large quantities 
of high-grade coke are used in smelting iron ores. 

In contrast to coal, coke burns without a flame , since its method 
of preparation drives off the volatile combustible constituents. It 
is thus a very dean fuel, giving practically no soot, but it is difficult 
to ignite. This not only has the effect that a coke fire is difficult to 
start, but also that it is difficult to keep it burning gently. If the 
draught of a coke stove is closed, the temperature of the coke may 
easily fall below its ignition temperature, and the stove will go out 
even if the draught is opened again. Bituminous coal can be cooled 
considerably without going out, and the same applies to a still 
greater extent to peat: these fuels are therefore especially suitable 
for keeping a low fire going. Coke develops approximately the same 
amount of heat per kilogram as house coal, but much less per 
cubic metre. This is because coke is much more porous than coal, 
e.g. } a cubic metre of coke weighs about 440 kg. and a cubic metre 
of coal about 740 kg. 

Briquettes. The value of a fuel is diminished if it is in a finely 
powdered state, since it is then difficult to maintain a draught 
through it. Powdered fuels can, however, be burnt in special 
furnaces. Lignite dust can be made into briquettes by heating 
under pressure without any addition, thus converting a practically 
worthless raw material into a useful fuel. Ordinary coal dust can 
only be made into briquettes by adding some adhesive substance, 
such as coal tar or pitch. 

It is most economical to use the fuel which produces the greatest 
amount of heat for a given sum of money, provided that it is suitable 
for the purpose in hand. The following table gives the amount of 
heat developed on burning one kilogram of various fuels (the calorific 
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value ). This can vary a good deal with, the quality of the product; 
the figures given are average values for good commercial products. 


House coal 
Steam coal 
Anthracite 
Coke 

Lignite (best) 
Lignite briquettes 
Peat (best) 
Beechwood 
Firwood . 


Calorific value. 
(Kg. cals, per kg.) 

8,000 

9,000 

8,000-8,500 
. 6,000-6,500 

5,000 
4,700 
3,400 
3,500 
3,650 


The quality of a fuel depends very considerably on its content of 
moisture and ash . Wood and peat dried in the air usually contain 
about 20% of water, but may contain much more if badly dried. 
Coke can also adsorb a large quantity of water in its pores, and 
therefore should not be sold by weight. Coal, on the other hand, 
takes up very little water. Wood contains very little ash, but all 
the other fuels can contain considerable amounts, especially the 
poorer qualities. 


Firing 

Heat Losses. The amount of heat developed by a fuel on com¬ 
bustion (its calorific value) has a perfectly definite value. In prac¬ 
tice, however, it is impossible to utilise the whole of this heat. Thus 
in a cooking stove a large amount of heat goes out into the kitchen 
by radiation and conduction, and is thus wasted. Special importance 
attaches to heat lost by hot and incompletely burnt gases escaping 
through the chimney. For a closed stove the chimney loss is usually 
the only important one. 

The amount of heat lost through the chimney depends upon the 
temperature, amount and composition of the smoke. To reduce 
this loss as far as possible, the smoke should give up the greater 
part of its heat before entering the chimney. It must not, however, 
be cooled down completely, or there will not be a sufficient draught 
up the chimney. A large excess of air is also to be avoided, since 
by increasing the volume of the smoke it will increase the amount 
of heat lost. It is, however, necessary to employ a small excess of 
air, since otherwise the smoke will contain unburnt coal dust, 
carbon monoxide and other combustible substances, thus leading 
to a loss of heat. The actual coal dust is of no economic importance 
even in very black smoke, since its weight is too small, but its 
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appearance is a bad sign as it indicates that too little air is present, 
and that the smoke probably contains carbon monoxide. When 
carbon burns to carbon monoxide it only evolves about one-third 
of its total heat of combustion, so that the appearance of carbon 
monoxide in the smoke decreases the efficiency considerably. Leaks 
in a stove or furnace above the layer of fuel lead to a low efficiency, 
since they decrease the draught up through the fuel and thus 
promote incomplete combustion, while at the same they 

introduce a large excess of air into the smoke. fllfr 

The Formation of Carbon Monoxide. When fresh si^enters 
through the fire bars and comes into contact with the hot fuel, 
carbon dioxide is always first formed according to the equation 


and the formation of carbon dioxide continues as the air passes up 
through the fuel until all the oxygen is used up.' Up to this point 
the gases contain no appreciable amount of carbon monoxide, but 
as they continue to pass up through the hot fuel the amount of 
carbon monoxide will increase owing to the reaction 


It is therefore most economical to adjust the depth of the fuel 
layer and the strength of the draught so that the atmospheric oxygen 
is exactly used up when the air has passed through the whole of the 
layer of fuel. It is of course impossible to follow this exactly in 
practice, and of the two evils, formation of carbon monoxide and 
excess of air, the latter is preferred as being least detrimental. 
Industrial furnaces always work with an excess of air, often as much 
as twice the theoretical amount. Domestic coke or anthracite 
stoves should be so constructed that no carbon monoxide is formed 
under ordinary conditions even when they are completely filled 
with fuel, though in this case there is bound to be an excess of air 
when they are incompletely full. The most favourable conditions 
for the formation of carbon monoxide are obtained by making the 
stove burn fiercely by opening the air vents at the bottom and then 
closing them suddenly. The small air supply, the deep layer of fuel 
and the high temperature all combine to cause the formation of 
considerable amounts of carbon monoxide, which will continue 
until the temperature of the fuel has fallen. It is particularly 
dangerous to decrease the draught in a fiercely burning stove by 
closing a damper at the top, since in this case the carbon monoxide 
formed may leak out through cracks in the stove and lead to carbon 
monoxide poisoning (see p. 172). 

In favourable cases the loss of heat through the chimney amounts 
to 20% to 30% of the calorific value, but in less favourable cases it 
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may amount to 50% or more. The efficiency is best tested by 
determining the amounts of carbon dioxide and carbon monoxide 
in the smoke. There should be at least 8% carbon dioxide and no 
carbon monoxide. 

Liquid Fuels 

There are a number of districts in the world ( e.g ., Pennsylvania 
and Caucasus) where a mixture of hydrocarbons called naphtha, 
or petroleum can be obtained by boring down into the earth. 

The origin of this oil is still uncertain, but it probably comes from 
immense deposits of prehistoric plants or animals, the fatty constituents 
having been converted to oil in the course of time, while the other less 
stable organic substances have disappeared. 

The crude oil can be used directly as a liquid fuel (e.g., for steam 
boilers), but it is usually separated by distillation into mixtures of 
hydrocarbons of different boiling points. The most important 
fractions are petrol (B.P. 70°-120°) and paraffin (B.P. 150°~~300°). 
The residue from the distillation which boils above 300° may be 
used as a liquid fuel (e.g., for Diesel engines), or it may serve as 
raw material for the preparation of lubricating oils, paraffin wax 
and vaseline . 

Petrol and paraffin are liquids lighter than water and immiscible 
with it, so that they form a layer on top. 

Petrol is very inflammable : even at ordinary temperatures it 
evaporates so much that the air in the neighbourhood of a petrol 
surface is inflammable or explosive. Paraffin is less volatile, and 
therefore less inflammable. 

The air above paraffin in a closed container contains so little paraffin 
vapour at room temperature that it will not ignite. The temperature 
at which the air over paraffin in a closed space becomes inflammable or 
explosive is called the flash-point. It should be higher than 21° C. 

In recent years the consumption of liquid fuel has risen steadily 
at the expense of the coal consumption. It is therefore an important 
commercial problem to obtain liquid fuels from coal. Three different 
methods have been employed in attacking this problem. In the 
first place coal can be subjected to low temperature carbonisation, thus 
obtaining a greater yield of combustible liquid tar. In the second 
place the coal can be first converted to a mixture of carbon monoxide 
and hydrogen (water gas, see p. 189), and this mixture converted 
into liquid hydrocarbons by using suitable catalysts, the reaction 
being roughly 

nCO + (2 n + l)H a -> C n H 2n + 2 + tiH 2 0. 
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In the third place the coal can be hydrogenated by making a suspen¬ 
sion of coal dust in high-boiling hydrocarbons react with hydrogen 
at 400°-500° and 200 atmospheres pressure. It is only recently 
that a sufficiently economical technical solution of the problem has 
been found. 

Alcohol , C 2 H 6 0, is a volatile organic compound boiling at 78°. It 
is prepared by fermentation from materials containing starch (e.g., 
grain and potatoes) or sugar (e.g., molasses). Attempts to obtain it 
from cheaper materials containing cellulose (e.g. 3 wood or peat) 
have only very recently become a practical economic possibility. 
Alcohol does not give as much heat as petrol on combustion, but 
it has the advantage that it forms less soot. Alcohol is not as 
suitable as petrol for use in internal combustion engines, as it 
develops less power and is more difficult to ignite. 


Alcohol 
Petrol . 
Paraffin 


Density. 


0-8 

0-7 

0-8 


Calorific value per kg. 


6,500 kg. cal. 
10,500 „ „ 
10 - 11,000 „ „ 


Gaseous Fuels 

Gaseous fuels constitute the most convenient and cleanest form 
of heating. For this reason gas is used for preference in laboratories 
and kitchens. For industrial purposes the advantage of gaseous 
fuel is that complete combustion can be attained without using an 
excess of air. This means that with gas heating high temperatures 
can be reached with a very small chimney loss. 

The most important gaseous fuels are coal gas , water gas and 
producer gas . 

Coal gas is prepared in gasworks by heating coal in fire-clay 
retorts. The gas evolved is freed from tar and gas liquor by cooling . 
Ammonia is then removed by washing with water, and hydrogen 
sulphide by passing over bog iron ore. It is then passed into large 
gas holders, from which it is distributed to the consumers. 

Coal tar contains a number of different organic substances and 
provides the raw material for preparing many important dye-stuffs and 
medicinal products. The gas liquor contains a considerable amount of 
ammonia as ammonium carbonate, and is used for preparing ammonium 
sulphate, an important nitrogen fertiliser (see p. 148). Bog iron ore is 
a naturally occurring impure variety of ferric hydroxide : it absorbs 
the hydrogen sulphide in the gas with the formation of ferric sulphide. 
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By exposing to the air the ferric sulphide is oxidised -to ferric hydroxide 
and sulphur, and the material can be used again. The iron ore also 
absorbs the small amount of hydrogen cyanide in the gas, forming 
Prussian blue. After the absorbent has been used many times ( 6S spent 
oxide 59 ) it is used as a source of sulphur and potassium ferrocyanide. 

The purified gas consists chiefly of hydrogen and methane, "but 
also contains small quantities of other hydrocarbons, carbon 
monoxide, carbon dioxide and many other substances. It is impos¬ 
sible to free the gas completely from sulphur compounds, carbon 
disulphide being particularly difficult to remove. Small amounts 
of sulphur dioxide and sulphuric acid are hence always formed 
when gas burns, and it is for this reason that plants will not thrive 
in a room where gas is burnt. The poisonous nature of coal gas 
itself is chiefly due to the carbon monoxide it contains. 

A cubic metre of coal gas produces on combustion about 5,000 
kg. cal., i.e., rather less than a kilogram of coal or coke. In com¬ 
paring the cost of heating by gas and by other fuels it should always 
he remembered that the calorific value of gas is more completely 
utilised, and that gas-heating is more easily regulated and more 
convenient than other forms of heating. 

Water gas is the combustible gas mixture formed by passing 
steam over white-hot coke or anthracite. It consists chiefly of a 
mixture of hydrogen and carbon monoxide, formed according to 
the equation 


The formation of water gas is an endothermic process, and the 
hot coke is therefore cooled down when steam is passed in. When 
the temperature has fallen so much that the coke only glows feebly, 
the steam supply is cut off and air is blown in. This raises the 
temperature again to a white heat, when the steam can he turned 
on again. In this way a fresh amount of water gas can he obtained 
about every quarter of an. hour. Water gas is often mixed with 
coal gas, and it is also used as a source of hydrogen for the Haber 
synthetic ammonia process (see p. 133)^ 

Water gas has a smaller calorific value than coal gas, 1 cubic metre 
giving 2,600-2,800 kg. cals. It burns with a non-luminous flame, and 
on account of its high content of carbon monoxide it is more poisonous 
than coal gas. Its calorific value and illuminating power can be 
increased by adding volatile hydrocarbons, e.g. y benzene, or the mixture 
of hydrocarbons obtained by heating fuel oil to a high temperature. 
This process is known as carburation. 

Producer Gas. If a furnace contains a deep layer of fuel at a high 
temperature, the gas which leaves it at the top will be a combustible 
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mixture of carbon monoxide and nitrogen , since the carbon dioxide 
formed at the bottom of the furnace will be reduced to carbon 
monoxide in the upper part of the fuel layer (see p. 177). A furnace 
arranged to function in this way is called a producer, and the fuel 
gas obtained from it is called producer gas . Atmospheric air con¬ 
taining about 4 molecules of nitrogen to 1 molecule of oxygen 
will give producer gas containing about 2 molecules of nitrogen 
to each molecule of carbon monoxide, 

0 3 + 20 2CO. 

Producer gas is used for heating purposes in glass and china factories, 
in steel manufacture and in many other processes. Blastfurnace gas 
is a gas of s imil ar composition obtained as a by-product in the 
smelting of iron ores. 

About one-third of the heat of combustion of the carbon, is evolved 
when carbon monoxide is formed in a producer. To avoid losing this 
heat the producer should be surrounded by heat-insulating material, 
and it should be placed as near as possible to the furnace where the 
gas is to be burnt so as to avoid cooling down on the way. The air 
supplied to the producer to form the carbon monoxide is called primary 
air, and the air subsequently supplied to the producer gas to bum it to 
carbon dioxide is called secondary air. If an excess of secondary air is 
avoided, and if the secondary air is pre-heated by the hot exhaust 
gas from the furnace in a heat exchanger, it is possible to reduce the 
chimney loss to a very small amount and to obtain very high tempera¬ 
tures. 

Flames anb Illumination. When gas streaming out of a burner 
is ignited a flame is formed, in which the gas burns in the region 
outside the opening of the burner where the gas and the air mix 
together. This combustion zone, where heat is developed, remains 
in a fixed position, though new supplies of gas are continually being 
burnt. 

A flame is formed when a gas streams out into another gas with 
which it can react with the development of heat and light. Thus 
hydrogen will burn with a flame not only in air and oxygen, but 
also in chlorine, and a flame is also formed when oxygen or 
chlorine burns in an atmosphere of hydrogen. Solid and liquid fuel 
often burn with a flame : this is because they give off inflammable 
vapours on heating. Thus in a paraffin lamp the flame is formed by 
burning paraffin vapour. 

A flame cannot strike through a cold metal wire gauze, because 
the gauze cools down the gas mixture below its ignition temperature. 
This fact is the principle of Davy's safety lamp , used in coal mines, 
in which the flame is completely surrounded by metal gauze. If 
the air in the mine becomes explosive on account of the presence of 
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fire-damp (CH 4 ) there will be a small explosion inside the lamp, 
but the metal gauze will prevent it from spreading. 

Luminous and Non-luminous Flames. The Bunsen Flame. Hot 
gases give out much less light than hot solids at the same tempera¬ 
ture, and flames are therefore strongly luminous only when they 
contain incandescent solid particles. In an ordinary luminous gas 
flame (e.<7„ a “ bat’s wing ” burner) the incandescent particles 
consist of carbon. This may be shown by holding a cold surface in 
the flame, when it will be covered with solid carbon (soot). If the 
gas is mixed with air before it is burnt the carbon particles are not 
formed and a non-luminous non-smoky flame (a Bunsen flame) is 
obtained. The admixture of air decreases 


the size of the flame, and since the 
amount of heat evolved is the same 
in both cases, the Bunsen flame has a 
higher temperature than the luminous 
flame. The non-luminous Bunsen flame 
is generally used in laboratory burners 
and gas-rings in order to avoid the 
formation of soot and to obtain a more 
concentrated heat. 

The foot of an ordinary Bunsen burner 
(see Fig. 15) is fitted with a wide inlet 
tube terminating in a narrow jet. The jet 
is at the bottom of a chimney which has 
holes at the base through which the air is 
drawn in. The Bunsen flame consists of 
an inner cone and an outer mantle. The 



interior of the inner cone consists of an Fig. 15.—Section through 
unburnt mixture of gas and air. At the a Bunsen burner. & 
surface of the inner cone the gas bums as 

far as it is able to with the air supplied through the air holes (first 
combustion). The remaining gas contains no free oxygen, but is 
rich in hydrogen and carbon monoxide: it passes on into the outer 
mantle and bums completely to carbon dioxide and water (second 
combustion) at the outer edge of the mantle, where it comes into 
contact with the air. 


A Bunsen flame can strike back , especially when too much air is 
admitted to the gas. When a flame strikes back the first combustion 
takes place at the bottom of the chimney where the gas emerges from 
the jet. This will take place when the velocity with which the mixture 
of air and gas passes up the chimney is smaller than the velocity with 
which combustion can spread in the mixture. The more air the mixture 
contains, the more rapidly the flame is propagated, and hence the more 
readily it will strike back. 


The Incandescent Gas Mantle. For illumination it is uneconomical 
to use the light given of by the ordinary luminous gas flame, which 
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is due to the incandescent particles of solid carbon. It is better to 
make the flame completely non-luminous by introducing the right 
amount of air, and then to utilise the heat evolved to heat a gauze 
of suitable material. A gauze consisting of thorium oxide with 1% 
of cerium oxide has been found to give a particularly intense light 
when heated in a gas flame. 

The incandescent mantle is prepared by saturating a gauze (usually 
of artificial silk) with a solution of thorium and cerium nitrates in the 
right proportion, and then destroying the organic matter and converting 
the nitrates to oxides by ignition. A mantle thus prepared is extremely 
fragile, and for packing it is coated with an inflammable varnish 
which is burnt off when the mantle is finally in place on the burner. 


33. SILICON (Si = 28*06) 

With the exception of oxygen, silicon is the most abundant 
element in the earth’s crust. Its importance in the mineral world 
is analogous to the importance of carbon in the animal and plant 
world. It never occurs in the free state, but always combined with 
oxygen as silica (silicon dioxide) or silicates. 

FREE SILICON 

The element silicon is a solid substance resembling carbon. It 
has a great affinity for oxygen and fluorine, and forms important 
compounds with these elements in which it is always tetravalent. 

OXYGEN COMPOUNDS OF SILICON 

Silicon dioxide, or silica, Si(>2, is a colourless solid with a very 
high melting point which is widely distributed in nature. It is 
found partly crystalline as quartz , and partly amorphous (or more 
correctly, micro-crystalline) as flint. Large transparent crystals of 
silica are called rock crystal. The grains of ordinary sand and sand¬ 
stone consist chiefly of quartz. Kieselguhr (or dxatomaceous earth) 
is a finely divided porous form, of silica which consists of the remains 
of micro-organisms. It is used for the preparation of dynamite 
and as a heat insulator. 

All forms of silica are very hard: for this reason flint was used 
for making implements in the stone age, and sandstone is used for 
grind-stones. Silica occurs naturally in many beautifully coloured 
varieties, which are used for ornamental purposes (jasper, chalcedony, 
opal, etc.). Their colour is due to the presence of impurities. 

Silica can be fused in the oxy-hydrogen flame, and it cools to a 
glass without crystallising. Articles made of fused silica are very 
difficult to melt and will stand large and sudden changes of tempera¬ 
ture without cracking. The last property is due to the very small 
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coefficient of expansion of silica. Silica is not attacked by water or 
acids (except by hydrogen fluoride). Quartz and fused silica are 
transparent to ultra-violet light. 

Chemical Properties. Silicon dioxide is a very stable compound , 
which can only be reduced by heating to a high temperature with 
the most powerful reducing agents. It is reduced by carbon at a 
very high temperature, and the silicon liberated combines imme¬ 
diately with carbon to give silicon carbide, SiC, 


This compound is prepared industrially by heating quartz with 
carbon in an electric furnace, and is used as an abrasive under the 
name of carborundum. Its hardness approaches that of the diamond. 
Magnesium will reduce silica at a lower temperature, but in this 
case also the reducing agent has a tendency to combine with the 
silicon liberated. If an excess of magnesium is used the reaction 
is very vigorous and need only be started by local heating. The 
material formed contains magnesium silicide, Mg 2 Si, 

Si0 2 + 4Mg Mg 2 Si + 2MgO, 

and on treating with hydrochloric acid gives off the spontaneously 
inflammable gas silicon hydride, SiH 4 , 

SiMg 2 + 4HC1 -> SiH 4 + 2MgCl 2 . 

Silicon dioxide is the anhydride of silicic acid. It is, however, 
insoluble in water and does not combine with water to give silicic 
acid, so that its acidic nature cannot be shown by treating with 
water and testing with litmus or other indicators. In the case of 
the amorphous varieties (e.g., flint) this may be shown by boiling 
with sodium hydroxide (preferably under pressure), when a solution 
of sodium silicate is formed. Crystalline quartz is so insoluble 
that it is not affected by boiling with sodium hydroxide. In order 
to convert it to sodium silicate it is necessary to fuse it with sodium 
hydroxide or sodium carbonate. The silicates formed contain 
varying amounts of silica. If two equivalents of base react with 
each molecule of silicon dioxide the equations are 

Si0 2 + 2NaOH Na 2 Si0 3 + H 2 0 
Si0 2 4“ Na 2 C0 3 —Na 2 Si0 3 4" 0O 2 

Silicic Acid. If hydrochloric acid is added to a solution of sodium 
silicate, the silicate ions combine with the hydrogen ions of the 
hydrochloric acid and silicic acid is liberated. If the solution is 
fairly concentrated the silicic acid appears at once as a gelatinous 
precipitate, but if the solution is more dilute it is precipitated 
either gradually or not at all. By a suitable choice of concentrations 
the whole solution can be made to set after some time into a gela- 
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tinous mass. This gelatinous silicic acid is not quite insoluble in 
water, but after drying on a water bath it loses its gelatinous 
character and becomes insoluble in water and acids. The dried 
silicic acid is, however, readily soluble in sodium carbonate solution 
to give sodium silicate. The solutions of silicic acid formed when 
it is liberated from its salts are of a special nature and are termed 
colloidal , an expression which will be explained later (p. 200). 

It is diffi cult to give a definite formula for silicic acid, since on 
drying it loses water continuously without appearing to form any 
definite hydrates. It is most commonly written as H 4 Si0 4 [ortho- 
silicic acid , Si(OH) 4 ) or H 2 Si0 3 (metasilicic acid , SiO(OH) 2 ). The 
more vigorously silicic acid is dried, the more water it loses and the 
less soluble it becomes in sodium carbonate solution. On ignition 
silica is finally formed. Analyses of silicates do not lead to a definite 
formula for silicic acid, since the formulae of the silicates correspond 
to silicic acids of very variable water content. 

Salts corresponding to H 4 Si0 4 are called orthosilicates, and those 
corresponding to H 2 Si0 3 metasilicates. Many salts are derived from 
much more complex silicic acids, e.g., H 4 Si 3 0 8 (or 3Si0 2 , 2H 2 0). The 
specimens of silicic acid obtained by the action of hydrochloric acid on 
different silicates often have different properties and water contents, 
but it has not so far been shown that their water content bears any 
relation to the formula of the silicate from which they are prepared. 

The great difference between the properties of silicic acid and 
carbonic acid can be explained if we suppose that oxygen atoms 
can be joined to carbon atoms by a double bond, hut not to silicon 
atoms. If this is the case, the removal of water from orthosilicic 
acid (Si(OH) 4 ) cannot give rise to simple molecules such as 
(OH) 2 Si = 0 and 0 = Si = O, the analogues of carbonic acid, 
(OH) 2 C = 0 and carbon dioxide 0 = C = 0, but can only take 
place by the finking together of several molecules of orthosilicic 
acid, e.g., 

2(0H) 4 Si—(0H) 3 Si. 0 . Si(0H) 3 + H 2 0, 

followed by 

(OH) 3 Si. 0 . Si(OH) 3 + (OH) 4 Si 

-> (0H) 3 Si. 0 . Si(0H) 2 .0 . Si(OH) 3 + H 2 0. 

By continued repetition of this kind of process poly silicic acids of 
increasing molecular weight are formed. The larger the molecule, 
the less water it will contain and the less soluble in water and bases 
it becomes. On ignition all the water is lost and silica of high 
molecular weight is left behind. The insolubility and involatifity 
of silica contrast very much with the properties of the closely 
related compound carbon dioxide. This is easily explained by 



SILICON 


195 


assuming that the molecule of silicon dioxide is very large compared 
with the molecule of carbon dioxide. 

In crystalline silica (quartz) the arrangement of the silicon and 
oxygen atoms can be determined by investigating the reflection of 
X-rays. The arrangement found can be represented roughly in a 
plane by the following diagram :— 

J> i A A 

—O—Si—O—Si—O—Si—0—Si—0— 

I I I I 

0 0 0 0 

I I I I 

—O—Si—O—Si—0—Si—0—Si—O— 

I I I I 

Each crystal must therefore be pictured as a single giant molecule , 
just as in the case of the diamond crystal (see p. 164). This structure 
agrees with the assumption made above, since no double bonds 
Si = O occur in it. It also explains why quartz crystals are so very 
hard, since the powerful chemical forces between the atoms will 
tend to hold the crystal together very firmly. 

On account of the small solubility of silicic acid in water and the 
many forms in which it exists, it is not possible to give any quantita¬ 
tive estimate of its strength as an acid, but its behaviour shows 
clearly that it is a very weak one. 

Silicates. The composition of silicates is often indicated by 
writing their formulae in the old-fashioned way, in which the salt is 
written as a compound of a metallic oxide and a non-metaflic 
oxide. All salts of oxy-acids can be written in this way, e.g., 

Na 2 S0 4 can be written Na 2 0, S0 3 
Ca 3 (P0 4 ) 2 „ „ „ 3CaO, P 2 0 5 , etc. 

This method is particularly convenient for the more complex 
silicates. Examples are :— 

Na 2 0, Si0 2 , sodium metasilicate. 

2MgO, Si0 2 , magnesium orthosilicate. 

A1 2 0 3 , 2Si0 2 , 2H 2 0, hydrated aluminium silicate (kaolin). 

K 2 0, A1 2 0 3 , 6Si0 2 , potassium aluminium silicate (potash 
felspar). 

These formulae express the composition of the silicate without 
affording any information as to how the components are linked 
together in the molecule. 

Only the simple alkali silicates are soluble in water, all other 
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silicates (including double silicates containing an alkali silicate as 
one component) being insoluble. Some of these insoluble ones are 
attacked by boiling with hydrochloric acid, silicic acid being 
liberated. This is especially true of silicates containing a large 
proportion of metallic oxides, e.g. } cement. Many silicates, how¬ 
ever, are so insoluble that they resist the attack of strong acids and 
can only be decomposed by fusing with sodium carbonate. The 
sodium carbonate reacts with the insoluble silicate, forming silicates 
containing a higher proportion of metallic oxides, which can be 
decomposed by hydrochloric acid. 

Alkali silicates {water-glass) are prepared by fusing quartz sand 
with alkali carbonate, or (in solution) by boiling flint with sodium 
hydroxide solution under pressure. The commercial products 
usually contain a high proportion of Si0 2 , e.gr., Na 2 0, 6Si0 2 . Solu¬ 
tions of the alkali silicates in water have a strongly alkaline reaction, 
since the silicate ions are bases and react with the water to a con¬ 
siderable extent according to the equation 

Si0 3 ~ + H 2 0 -> HSi0 3 - + OH- 

The silicate ion is such a strong base that it can take a hydrogen 
ion from the ammonium ion, 

2NH 4 + + Si0 3 = 2NH 3 + H 2 Si0 3 . 

It is therefore impossible to prepare ammonium silicate, and if 
ammonium chloride is added to a solution of sodium silicate a 
copious precipitate of silicic acid is formed. The basic properties 
of the silicate ion (and hence of the silicates) appear in general in 
the instability of the silicates towards acids. Even the carbon 
dioxide of the atmosphere can precipitate silicic acid from solutions 
of alkali silicates, and only the most insoluble silicates are un¬ 
attacked by hydrochloric acid. 

The alkali silicates are used for cementing glass and porcelain 
articles, and for impregnating wood and cloth to render them less 
inflammable. They are also used as a constituent of soaps and (in 
dilute solution) for preserving eggs. 

Silicate Minerals. A considerable portion of the solid crust 
of the earth consists of silicates, and as far as can be judged from 
volcanic eruptions, the same is true of the molten layer beneath 
the crust. Among the most important classes of naturally occurring 
silicates are the felspars , mica , and clay. 

The felspars are double silicates of aluminium with either sodium, 
potassium or calcium. They are important rock-forming minerals. 
A large fraction of the potassium salts present in cultivated soil 
comes from weathered potassium felspar. 

Mica is the term used to describe various double silicates in which 
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one of the metals is always aluminium. Light mica contains 
aluminium and potassium, while dark mica contains aluminium, 
potassium, magnesium and iron. All mica minerals have the special 
property of being easily split into thin leaves. Transparent leaves 
of mica are used for windows in stoves, on account of their heat- 
resisting properties. Mica is also used as an electrical insulating 
material. 

Asbestos is a mixture of magnesium silicate and calcium silicate. 
It forms characteristic fibrous crystals which can be split up into 
fine threads and made into asbestos paper and asbestos board. It 
can even be made into cloth which is non-inflammable. 

Gneiss and granite are rocks consisting of felspar, quartz and mica. 

The following are the formulae of some of the most important natural 
silicates :— 

Orthoclase (potash felspar), KAlSi 3 0 8 
Albite (soda felspar), NaAlSi 3 0 8 
Anorthite (calcium felspar), CaAloSi 2 0 8 
Light mica, (H,K)AlSi0 4 
Asbestos, (Mg, Ca)Si0 3 . 

The symbol (H,K) in the formula for mica indicates that the mineral 
contains a monovalent atom which can equally well be either H or K. 
The ratio H : K usually has a value of approximately 2:1. Similarly, 
the symbol (Mg, Ca) in the formula for asbestos indicates that the 
mineral contains a divalent atom which may be either Mg or Ca (the 
latter, however, usually in small amount). 

Clay. When felspar, mica and similar double silicates of alumi¬ 
nium are exposed to the action of water for long periods, they 
undergo a change known as weathering , and finally form clay. In 
the process of weathering the original silicates first take up water 
and are converted to hydrated double silicates, called argillites 
{e.g., zeolite , JNTa 2 0, A1 2 0 3 , 2Si0 2 , 6H 2 0). At the same time soluble 
constituents such as the alkali silicates are washed out. In the 
presence of carbonic acid, and more particularly of humic acid 
(from the peat layers), this washing process can go so far that all 
the alkali and calcium is removed as bicarbonates and humates, 
only pure hydrated aluminium silicate ( kaolin , A1 2 0 3 , 2Si0 2 , 2H 2 0) 
remaining undissolved. The chemical composition of naturally 
occurring clay can therefore vary considerably. White china day 
has a composition approximating to that of pure kaolin, but in the 
more common types of clay the chief constituents are hydrated 
double silicates. Particles of undecomposed mineral (sand) and 
calcium carbonate are also frequently found. The colour of clay is 
usually due to the presence of small amounts of iron. Blue clay 
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contains ferrous compounds : by the action of atmospheric oxygen 
these may be oxidised to ferric compounds , giving the clay a yellow 
or brown colour. The white colour of china clay is due to the fact 
that it has been formed in the presence of water containing humic 
acid, which is able to dissolve out completely the iron compounds 
originally present. 

Pottery. When moist, clay is soft and plastic. On drying it 
becomes rigid and brittle, but on being moistened it regains its 
plastic properties. It only loses the property of becoming soft 
on treatment with water on ignition, when the particles of kaolin 
and argillite lose their water and begin to sinter together. On 
heating to a very high temperature the clay melts. The more 
nearly the clay approaches pure kaolin, the higher temperature is 
required to melt it, i.e., the more refractory it is. The presence of 
other substances lowers the melting point, as is the case in general. 

In the pottery industry articles are fashioned out of the moist 
clay and then made hard and resistant to water by ignition ( £C burn- 
ing ”). The most important types of pottery are represented by 
bricks , crockeryware and porcelain . 

Bricks and other coarse earthenware articles are made in brickworks 
from impure clay, which is burnt at a relatively low temperature 
(1,000° or less). They are very porous and can absorb large amounts 
of water. Their different colours are due to the varying amount of 
iron in the clay. Bricks, tiles, drain pipes and flower pots come under 
this class. 

Crockeryware is made of purer sorts of clay (preferably free from 
iron), and is burnt at a higher temperature (1,200°-1,300°). The result¬ 
ing material is porous and quite opaque, just like the coarser earthen¬ 
ware articles. To make the articles hold water they must be glazed , 
which is carried out as follows. After burning, the article is dipped in a 
paste of glazing mixture and thus coated with a layer of easily fusible 
material. On heating again to a relatively low temperature the article 
becomes covered with a watertight glassy layer. This kind of glaze 
has a tendency to crack, since in order to be easily fusible its chemical 
composition must differ entirely from that of the basic material. 

Porcelain (or china) is made from a mixture of kaolin, felspar and 
quartz. The shaped article is burnt once, when it loses its plasticity, 
and is then dipped into a paste of felspar powder and water to cover it 
with a thin layer of felspar. It is then heated to a high enough tempera¬ 
ture (about 1,450°) to melt the felspar both in the glaze and in the 
main material. This gives a product which is transparent and non- 
porous throughout, with a strong and permanent glaze. 

Porcelain is the strongest kind of pottery, and the most resistant 
from a chemical point of view. It is, however, the most expensive to 
manufacture, because it needs the purest materials and must be burnt 
at a very high temperature. The temperature must also be regulated 
very carefully, since if the article is not burnt enough it is too porous 
and not sufficiently transparent, while if it is burnt too much there is 
danger of deformation. Porcelain contracts by 10% to 20% on burning. 
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Glass. Glass consists of a mixture of various ‘siHqates rich, in, 
silica. The glassy character of these mixtures is (fid 
that when they cool after melting they stiffen withou^<^ytalhsmg, 
and thus retain their transparency. During this cooling they 
become more and more viscous, and finally completely solid, hut 
at no stage do any solid particles separate out. Unlike ordinary 
solids, a glass has no sharp melting point, and it may almost he 
regarded as an extremely viscous super-cooled liquid. Besides 
having a small tendency to crystallise, a good glass must be insoluble 
and unaffected by water and aqueous solutions. 

For making window glass and ordinary colourless glass for 
domestic and laboratory use, silica sand (Si0 2 ) is fused at a high 
temperature with soda (ISTa^Oa) and limestone (CaC0 3 ). During 
fusion the carbon dioxide is expelled from the carbonates, and a 
fluid mixture of sodium and calcium silicates is formed. From this 
melt, glass objects are made by blowing or casting. The articles thus 
made must be cooled very slowly, as otherwise strains will be set 
up which will make them brittle. 

A good glass of the type described above (soda glass) must contain 
about 70% Si0 2 . It is fairly easily melted, and tubes made from it 
can be bent in an ordinary gas flame. Hard glass contains potassium 
in place of sodium, and in its manufacture potassium carbonate is used 
in place of soda. It contains more silica than soft glass, and it is there¬ 
fore more difficult to melt and is less readily attacked by water. Lead 
glass has a high refractive index and contains lead in place of calcium ; 
in its manufacture lead oxide is used in place of limestone. The so- 
called Jena glass , used for high-grade chemical wares, does not contain 
alkali metals, but barium and borates. Bottle glass is prepared from 
impure raw materials containing iron and aluminium. 

Although a good glass containing a high percentage of silica is 
very resistant to water, new glass articles always give off a little 
alkali the first time they are used. This alkali may be removed 
before use by treating them for a quarter of an hour with a current 
of steam. If subjected to the action of water for long periods, even 
good glass which has been steam treated gives up traces of alkali and 
acquires a rough surface. For this reason, in chemical work in which 
every trace of alkali must be avoided, Jena glass (which contains 
no alkali) is used. Warm, concentrated alkaline solutions attack 
all kinds of glass quite vigorously, silicic acid going into solution. 

THE FLUORINE COMPOUNDS OF SILICON 

Silicon fluoride, SiF 4 , is a colourless gas prepared by warming a 
mixture of silica (or a silicate) and fluorspar (or cryolite) with 
concentrated sulphuric acid, 

Si0 2 + 2CaF 2 + 2H 2 S0 4 SiF 4 + 2CaS0 4 2H 2 0. 
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It is immediately decomposed by water, forming gelatinous silicic 
acid and 

Hydrofluosilieic acid, H 2 SiF 6 . We may assume that the silicon 
fluoride is first hydrolysed in the same way as other halogen com¬ 
pounds of non-metals, 

SiE 4 + 4H 2 0 -> Si(OH) 4 + 4HE, 

and that the hydrogen fluoride formed then combines with more 
silicon fluoride, 

4HF + 2SiF 4 2H 2 SiF 6 . 

The solution of hydrofluosilieic acid can be separated from the 
precipitated silicic acid by filtration. 

Hydrofluosilieic acid is a strong acid, ionising according to the 
equation 

The ability of hydrofluoric acid to etch glass depends on its 
reaction with silicates to form hydrofluosilieic acid and metallic 
fluorides, 

Si0 2 + 6HF H 2 SiF 6 + 2H 2 0 
Na 2 0 + 2HF -> 2NaF + H 2 0 
CaO -|- 2HF —> CaF 2 -f- H 2 0 

All silicates can be decomposed by evaporating with hydrogen 
fluoride and concentrated sulphuric acid. The silica goes off as 
silicon fluoride and the elements remain as sulphates. This procedure 
can be used for removing silica in analysing silicates. 


THE COLLOIDAL STATE 

Colloidal Solutions. By adding sodium silicate solution to an 
excess of hydrochloric acid, quite concentrated solutions of silicic 
acid can be prepared. The hydrochloric 
acid and the sodium chloride contained in 
these solutions can be removed by dialysis , 
a process which depends on the fact that 
certain membranes are permeable to hydro¬ 
chloric acid and sodium chloride, but not to 
silicic acid. Fig. 16 shows an arrangement 
for carrying out such a separation. The 
mixture is contained in the bag-shaped 
membrane and the continuous stream of 
water removes the substances which pass 



Fig. 16 .—Dialyser. 


through the membrane, eventually leaving a pure solution of 
silicic acid inside the membrane. The membrane may be of animal 
origin, e.g ., an intestine or pig’s bladder, or membranes of parchment 
or collodion may be used. A solution of silicic acid prepared in this 
way differs in several respects from an ordinary true solution. As 
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just stated, the dissolved substance will not dialyse. Further, the 
solution freezes and boils at practically the same temperature as 
pure water, and has a very low osmotic pressure. 

Many substances besides silicic acid give solutions having these 
abnormal properties. For example, if solutions of arsenious oxide 
and hydrogen sulphide are mixed, a yellow opalescent solution of 
arsenic trisulphide is formed, 

As 2 0 3 + 3H 2 S As 2 S 3 + 3H 2 0. 

The arsenic sulphide present will not dialyse, and the solution 
exhibits no osmotic pressure, freezing point depression or boiling 
point elevation. Solutions of glue, white of egg, rubber and a 
number of other substances show the same anomalies. All solutions 
which exhibit a small or zero tendency to dialyse and which have a 
small or zero freezing point depression , boiling point elevation and 
osmotic pressure , are called colloidal solutions . i 

The State of the Dissolved Substance in Colloidal Solutions. The 
nature of colloidal solutions is best understood by realising that 
mixtures will presumably exist which represent an intermediate 
stage between suspensions and emulsions on the one hand and true 
solutions on the other. The solid particles in suspensions and the 
liquid droplets in emulsions are visible under the microscope, and 
must thus have dimensions greater than 0*0001 mm. or Olju 
(lp. = 0*001 mm.). True solutions can be regarded as extremely 
fine suspensions in which the particles are the actual single mole¬ 
cules of the dissolved substance. These molecules are, however, 
very much smaller than the visible particles in ordinary suspensions. 
Even if we consider a dissolved molecule which contains a thousand 
atoms and has a molecular weight of 50,000, its linear dimensions 
will hardly exceed 0*003 y. Various lines of evidence show that the 
diameter of an atom is only about 2A (lA = 1 Angstrom unit = 
10~ 8 cm.). Thus one gram-molecule of water occupying 18 c.c. 
contains about 6 X 10 23 molecules and about 18 X 10 23 atoms. This 
gives for each atom 10~ 23 c.c., i.e., a cube with sides 2*2A long. If 
we have a mixture in which the size of the single particles is less 
than 0*l/x and greater than 0*003/^ = 30A, it cannot be classified 
either as a mechanical suspension or as a true solution. This gap 
between suspensions and true solutions is filled by colloidal solu¬ 
tions. It would in fact be strange if mixtures with these inter¬ 
mediate particle sizes did not exist. 

We shall first show that this picture of colloidal solutions fits in 
with the properties we have already mentioned. In a mechanical 
suspension, the smaller the particles, the more slowly they sink to 
the bottom. This may be illustrated by shaking up sand and clay 
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with water in two cylinders and letting the suspensions stand. The 
coarse grains of sand will sink to the bottom in a few seconds, while 
the fine particles of clay will remain suspended for hours or days. 
Particles which are so small that they can only be seen with high 
magnification (smaller than 1 ff) will remain suspended and uni¬ 
formly distributed for days at a time. If a suspension contains 
particles so small that they cannot be detected at all in the micro¬ 
scope (ultramicroscopic, smaller than 1/x) we should anticipate that 
they will not sink to the bottom at all on standing. Such small 
particles will also execute a very energetic Brownian motion (see 
p. 25) which will tend to spread them uniformly throughout the 
liquid, and will oppose their settling under the influence of gravity. 
Such small particles will also pass through a filter, since they are 
smaller than the pores in the filter paper, and they will not be 
visible under the microscope (at least with the ordinary illumination 
by transmitted fight). A sufficiently fine suspension will thus 
behave in all these respects like a colloidal solution. 

In a true solution the dissolved substance can exert a considerable 
osmotic pressure, and has a marked effect on the freezing point 
and boiling point of the solvent. These effects will, however, become 
less and less marked as the molecules of the dissolved substance 
become larger. If 34 g. of hydrogen peroxide (= 1 mole) is dissolved 
in one litre of water the resulting solution will freeze at — 1*86°. If, 
however, 34 g. of a substance having a molecular weight a thousand 
times as great is dissolved in the same amount of water, it will 
produce a freezing point depression a thousand times smaller, i.e., 
only 0*00186°, which is a barely measurable quantity. Substances 
having molecular weights higher than 50,000 will produce practi¬ 
cally no freezing point depression or boiling point elevation, and will 
give solutions with very low osmotic pressures. The molecules of a 
substance of molecular weight 50,000 will have linear dimensions of 
about 30A. We may therefore conclude that a solution containing 
molecules greater than about 30A will behave like a colloidal solu¬ 
tion as regards its boiling point, freezing point and osmotic pressure. 

Colloidal solutions are intermediate between coarse suspensions 
and true solutions . They can be considered either as particularly fine 
suspensions , or as solutions with particularly large molecules. 

Optical Demonstration of the Nature of Colloidal Solutions. The 
above conception of colloidal solutions has been confirmed by 
optical means. If a powerful beam of light is passed through a 
colloidal solution, on observing it from the side the path of the 
beam is generally clearly visible, which is not the case for true 
solutions ( Tyndall effect). 

By observing the fight scattered sideways in a microscope with 
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high magnification, it is seen to come from small particles in rapid 
Brownian movement. Colloidal solutions thus contain small 
particles which make the path of the light through the liquid 
visible, just in the same way that the dancing dust particles in a 
beam of sunlight show its path through the room. This effect is 
shown especially well by colloidal solutions of metals, e.g silver 
and gold. If the particles in the colloidal solution are very small it 
may be difficult or impossible to make them visible even by this 
method. A microscope in which small particles are made visible 
as points of light against a dark background by illuminating strongly 
from the side is termed an ultramicroscope. 

Recent investigations have shown that even the small molecules in 
true solutions are able to scatter a very small amount of light sideways, 
and spectroscopic investigation of this scattered light has given valuable 
information about the structure of the molecules (the Raman effect). 

The Classification of Liquid Mixtures. Liquid mixtures can thus 
be divided into three classes according to the size of the particles 
they contain : suspensions (and emulsions), colloidal solutions and 
true solutions. The following table gives a summary of the differences 
between these three classes. It should, however, be remembered 
that each group passes continuously into the next, so that the 
dividing lines are indefinite. 


Suspensions and 
emulsions. 


Colloidal 

solutions. 


True 

solutions. 


Do not pass through 
filters. 

Are not dialysed. 

No osmotic pressure. 

No freezing point depres¬ 
sion. 

No boiling point elevation. 
Particles larger than 0-1/x. 
Microscopic. 


Pass through filters. 

Are not dialysed. 

Little or no osmotic 
pressure. 

Little or no freezing 
point depression. 

Little or no boiling 
point elevation. 

Particles between 0*1 /a 
and 0'003/a. 

Ultramicroseopic. 


Pass through filters. 

Are dialysed. 

Large osmotic pressure. 

Considerable freezing 

point depression. 
Considerable boiling 

point elevation. 
Particles smaller than 
0*003/a. 

Quite invisible. 


The smaller the single particles are in a mixture (or a pure sub¬ 
stance), the greater the degree of dispersion of the mixture (or 
substance) is said to be. Suspensions, colloidal solutions and true 
solutions constitute a series of disperse systems with an increasing 
degree of dispersion. 

Preparation, The methods available for preparing colloidal 
solutions support the view of their constitution given above. 

1. Colloidal solutions can be prepared from true solutions by 
precipitating an insoluble substance in extremely fine particles, or 
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by for min g a soluble substance with very large molecules. (There 
is no real distinction between the last two alternatives, as the large 
molecules can be considered as very fine particles.) Colloidal 
solutions of arsenic sulphide and of silicic acid are prepared in this 
way. Colloidal solutions of the noble metals (silver, gold, platinum) 
can be prepared similarly by reducing their salts with suitable 
reducing agents (formaldehyde, tannic acid). The less soluble a 
substance is, and the smaller tendency it has to crystallise, the 
more easily it is precipitated in such small particles that a colloidal 
solution is formed. 

2. Colloidal solutions can be prepared from solids by subdivision 
in a liquid in which the solids are insoluble. An example of this 
method is the formation of colloidal solutions of silver, platinum 
and other metals by striking an electric arc under water between 
two pieces of the metal in question. The metal is transformed 
into a very fine dust in the arc, and the dust forms a colloidal 
solution in the water. It is also possible to construct mills ( colloid 
mills) in which some solids can be ground right down to colloidal 
dimensions. 

3. Finally, colloidal solutions can be prepared by dissolving 
substances already consisting of very large molecules, or by suspending 
substances already consisting of very fine particles. This method is 
used for preparing colloidal solutions of gum, albumen and rubber, 
and the colloidal solution of lamp-black used as Indian ink. It is 
sometimes necessary to use absolutely pure water (free from adds 
and salts): thus in analysis a sulphide precipitate will often begin 
to give a cloudy filtrate on continued washing with water. Other 
finely divided precipitates, e.g ., aluminium hydroxide and ferric 
hydroxide, require the presence of small amounts of certain salts 
(in these cases aluminium and ferric salts respectively) before they 
can form colloidal solutions. This last type of behaviour is known 
as pepiisation, and the electrolytes are said to have a peptising action. 

Coagulation and Grelatinisation. Colloidal solutions are often not 
very stable and their properties change with time (they are said to 
“ age ”). If the small particles grow larger or collect together into 
larger aggregates, the degree of dispersion of the solution is said to 
decrease, and if the particles finally reach such a size that they are 
visible under the microscope and no longer remain suspended, but 
settle as a precipitate, then the solution is said to coagulate. The 
conditions which determine whether or not the particles collect 
together into larger aggregates are very complicated, and are not 
yet fully understood. When silicic acid is liberated from sodium 
silicate by adding hydrochloric acid, it has initially a small molecular 
weight and is not colloidal. However, it begins immediately to 
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condense together to larger molecules with the elimination of water, 
and acquires colloidal properties. If this condensation continues 
far enough to give sufficiently large particles or molecules, coagula¬ 
tion takes place. In this case the change in the degree of dispersion 
can be reasonably described as chemical in nature, but in other 
cases it consists merely of a mechanical combination of the particles, 
e,g., in colloidal metal solutions. The addition of ions has a coagu¬ 
lating effect upon many colloidal solutions, e.g., of arsenic sulphide. 
In chemical analysis it is this coagulating power of the electrolytes 
present which makes the sulphide precipitates collect together in a 
form in which they can be filtered. If the electrolytes are completely 
removed by continued washing with pure water, the particles often 
separate again and form a colloidal solution which will pass through 
the filter. Hydrogen ions often have an especially powerful coagulat¬ 
ing action. The coagulating effect of electrolytes can be easily 
studied in the case of suspensions. A suspension of clay particles 
in distilled water takes a very long time to settle, but on adding 
sodium chloride or other electrolytes the particles settle very 
rapidly. (This phenomenon is of importance for the formation of 
deltas in river estuaries.) If the suspension is examined under the 
microscope it can be seen directly that the very small particles of 
clay collect together to form larger particles, which sink more 
rapidly. 

If it is wished to prevent a colloidal solution from coagulating, it 
often helps to add another colloid which gives stable solutions (a 
so-called protective colloid ). Thus tannic acid can be used to stabilise 
colloidal solutions of gold or suspensions of graphite in water. 
Indian ink is a suspension of lamp-black in water which is prevented 
from coagulating by gum arabic or other protective colloids. 

When a colloidal solution coagulates, the particles sometimes 
stick together to form a kind of coherent skeleton filling the whole 
solution, thus giving it the character of a jelly (silicic acid, glue, 
white of egg, gelatine, agar-agar, starch). The structure of such a 
jelly is rather like a sponge with extremely fine pores. Coagulation 
of this type is termed gelatinisation. 

The terms sol and gel are used to describe the colloidal solution 
and its coagulation product respectively. If the solvent is water 
these may be termed hydrosol and hydrogel; if it is alcohol, alcosol 
and alcogel , etc. 

A knowledge of the conditions necessary to stabilise or coagulate 
colloidal solutions and suspensions is often of great practical 
importance. In analytical work in the laboratory it usually is 
important to avoid the formation of colloidal solutions because of 
the difficulties involved in filtering them. If, on the other hand, we 
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are preparing a suspension of lead arsenate (from solutions of lead 
acetate and sodium arsenate) for spraying fruit trees, it is important 
that the lead arsenate should not coagulate and settle out too 
quickly. 

Colloidal Substances and the Colloidal State. The products of 
coagulation of a colloidal solution usually retain a finely divided 
structure. Thus metallic silver obtained by coagulating a colloidal 
solution is a grey powder without any metallic lustre, as it consists 
of very small particles of silver. We have already mentioned the 
very fine porous structure of gelatinous coagulation products. All 
substances which have a finely grained structure like the dissolved 
substance in a colloidal solution are called colloids , and are said to be 
in the colloidal state . Many substances of commercial and physio¬ 
logical importance are colloids in this sense, e.g. 9 rubber, starch, 
cotton, glue, albumen. All soluble substances having molecular 
weights greater than about 50,000 possess colloidal properties. 

Surface soil consists to a great extent of a mixture of colloids. 
The humus substances in peat and the kaolin and argillite in clay are 
all colloidal. 

In the course of time it has been found that most substances 
can be brought into the colloidal state under special conditions. 
Substances which crystallise readily will, however, usually be 
difficult to obtain in a colloidal form, as they tend rather to form 
large crystals. On the other hand, substances which crystallise with 
difficulty are usually readily obtained as colloids. A distinction is 
therefore occasionally made between crystalline substances ( crystal¬ 
loids) and colloidal substances (colloids). 

Adsorption and Swelling. On account of their finely grained 
structure, colloidal substances have a large surface, and for this 
reason adsorption phenomena (see p. 162) are of much greater 
importance for colloids than for other substances. Thus many 
colloids will take up considerable amounts of water (e.g. 9 peat, 
starch, etc.). Since the taking up of water is not usually associated 
with the formation of hydrates of definite stoichiometric composi¬ 
tion, it is usually assumed that the water is adsorbed. However, in 
the case of colloidal particles it is impossible to differentiate sharply 
between adsorption and chemical combination, since the colloidal 
particles which have adsorbed smaller molecules may be regarded 
as large molecules which have combined chemically with the 
smaller ones. As in many other aspects of colloid chemistry, there 
is a continuous transition between two types of phenomena. 

Many colloids swell considerably when they come into contact 
with water or other liquids. This happens, for example, with glue 
in water and with rubber in ether or petrol. As the surfaces of the 
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single particles adsorb the liquid the particles are forced further 
away from each other and the colloid therefore swells up. This 
swelling is often the prelude to the solution of the colloid (i.e., the 
transformation from gel to sol). Those coagulation products which 
do not swell often will not go into solution again spontaneously 
when the coagulating influence is removed ; they are termed 
irreversible colloids. On the other hand, coagulation products 
which swell usually do go into solution again under these circum¬ 
stances : they are termed reversible colloids . 

Colloids have presented difficulties from a chemical standpoint for 
a very long time, since they do not appear to form chemical compounds 
according to the usual laws of constant and multiple proportions. 
However, it should be realised that these laws only lead to simple 
behaviour on condition that the molecules of the substances concerned 
do not contain too many atoms. Since we have seen that colloids are 
to be considered as substances of very high molecular weight, it is easily 
understandable that they do not appear to obey the laws of constant 
and multiple proportions. 

The forces which determine the behaviour of colloids (adsorption, 
coagulation, mutual precipitation, etc.) are certainly often of the same 
kind as the forces which hold the atoms together in smaller molecules. 
The difference between the two cases lies chiefly in the magnitude of the 
forces relative to the masses on which they act. 

The Theory of the Stability of Colloidal Solutions. We normally 
expect that all small particles will attract one another when they 
come sufficiently close together, on account of the so-called cohesional 
forces between them. It is the cohesional forces between the mole¬ 
cules of a gas which cause it to condense into a liquid, and the 
rigidity of a solid is due to the same forces. Since a colloidal solution 
is stable, there must be some factor which opposes the tendency 
of the cohesional forces to unite the particles together and hence to 
coagulate the solution. 

In a number of cases it is assumed that colloidal solutions are 
stable because the forces of attraction between the colloidal particles 
and the solvent molecules are greater than the forces between the 
colloidal particles themselves. If this is so, the solvent molecules 
will tend to force themselves between the colloid particles and 
separate them, thus preventing the cohesional forces from causing 
coagulation. In this case the colloid is described as lyophilic 
(“ solvent-loving ”). Examples are albumen, glue and gum arabic 
in aqueous solution, and rubber in ether and petrol. In other cases 
there is no attraction between the colloid particles and the solvent 
molecules, and the colloid is termed lyophobic (“ solvent-hating ”), 
e.g ., metals, sulphides, etc. In these cases the stability of the 
colloidal solution is attributed to the presence of electric charges 
on the particles. 
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Electrical Behaviour. The particles in a colloidal solution almost 
always have a certain electric charge. This is shown by the fact 
that under the influence of an electric field they move either towards 
the cathode (positive particles) or towards the anode (negative 
particles). Metals and sulphides usually form negative particles, 
hydroxides usually positive particles. To compensate for the charge 
on the similarly charged colloidal particles (colloid ions) the solution 
must contain an excess of small ions of the opposite sign, so that 
the system as a whole is electrically neutral. 

The electric charge on the particles is of considerable importance 
for the stability of many colloidal solutions. The repulsive forces 
between the like electric charges make it difficult for the charged 
particles to stick together, and thus have a stabilising effect. If 
the particles in two colloidal solutions have charges of opposite 
signs, the solutions will usually precipitate one another on mixing 
in suitable proportions. The oppositely charged particles attract 
one another and form larger uncharged aggregates, so that the,, 
stabilising effect of the electric charge is lost. 

If an electrolyte is added to a colloidal solution the particles will 
in general alter their charge by combining with one of the ions of the 
added electrolyte. Acids and bases are particularly effective in this 
respect, the colloidal particles gaining or losing hydrogen ions. In 
many cases by the addition of suitable electrolytes the solution 
can be brought into such a state that the particles possess no charge 
at all, or that equal numbers of positive and negative particles are 
present. This state is known as the isoelectric point of the colloidal 
solution. A colloidal solution coagulates most readily when it 
has been brought to its isoelectric point by the addition of suitable 
electrolytes. Once this point is passed the net charge on the particles 
is reversed, and the solution becomes more stable again. 

Electrolytes which have no effect on the charge carried by the 
particles will in general decrease the stability of a colloidal solution. 
If the number of ions is increased, the stabilising effect of the like 
charges of the particles is decreased, since the mutual repulsion of 
the particles is effective at much smaller distances in solutions 
containing many ions than in solutions containing few ions. This 
explains the fact that electrolytes (i.e., ions) in general exert a 
coagulating effect upon colloids. 

An electrolyte has an especially powerful coagulating effect 
when the ions which are charged oppositely to the colloid combine 
with the particles and reduce their charge. Conversely, if the ions 
with the same charge as the colloid combine with the particles and 
increase their charge, the coagulating effect of the electrolyte will 
be weakened, and may even be converted into a protective action 
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(as in the effect of ferric ions on colloidal solutions of ferric 
hydroxide). 

This theory of the effect of electrolytes is especially valuable for 
colloidal solutions with lyophobic particles, since in this case the 
stability of the solutions depends chiefly on the electric charges on 
the particles. The effect of electrolytes on solutions of lyophilic 
colloids is usually much less than on lyophobic sols. 

THE BORON GROUP 

The carbon group has a valency of four towards hydrogen and 
a maximum valency of four towards oxygen, and we should expect 
it to be followed by a group of non-metals pentavalent towards 
hydrogen and with a maximum valency of three towards oxygen. 
The only non-metal which can be regarded as a representative of 
this group is boron, which is trivalent towards oxygen, while there 
is still some doubt about its valency towards hydrogen. 

' 34. BORON (B = 10*82) 

Boric acid, H 3 B0 3 (sometimes referred to colloquially as boracic 
acid), is the most important compound of boron. It forms fine white 
crystals which are slightly soluble in cold water and readily soluble 
in hot water. Boracic lotion is an aqueous solution of boric acid 
(usually saturated); it has a weak antiseptic action. Such solutions 
have only a very faintly acid reaction, and boric acid is thus only a 
very weak acid (pK = 9 * 2 ). 

On ignition, boric acid loses water and forms boron trioxide, B 2 0 3 , 
2H 3 B0 3 B 2 0 3 + 3H 2 0. 

Borates. The salts of boric acid are called borates, the most 
important one being borax , Na 2 E 4 0 7 , a white salt usually containing 
water of crystallisation and readily soluble in water. It is derived 
from a partly dehydrated boric acid, H 2 B 4 0 7 , 

H 2 B 4 0 7 = H 2 0.2B 2 0 3 = 4 H 3 BO 3 - 5H a O. 

On dissolving in water, borax splits up into boric acid and the ions 
Na + and H 2 B0 3 “, 

Na 2 B 4 0 7 + 5H 2 0 2H 3 B0 3 + 2 Na+ + 2H 3 B0 3 “. 

Boric acid occasionally occurs free in nature, but more often in 
the form of borates. Boric acid and borates are used as antiseptics 
in medicine, and occasionally as food preservatives, though their 
use for the latter purpose is now illegal. In the manufacture of 
glass, enamel and glazes, silica is often partially replaced by boron 
trioxide. To detect boric acid or borates in solution, the solution is 
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made distinctly acid with hydrochloric acid, and a piece of turmeric 
paper added. If borates are present, the paper turns a reddish- 
brown colour when dried, in spite of the acid nature of the solution. 

Sodium perborate, NaB0 3 , is a white, fairly stable solid prepared 
from borax, sodium hydroxide and hydrogen peroxide, 

Na 2 B 4 0 7 + 2NaOH -f 4H 2 0 2 4NaB0 3 + 5H a O. 

This salt forms hydrogen peroxide in aqueous solution and thus has 
bleaching properties. It is the active constituent of a number of 
cleansing powders. 

Perboric acid has the formula HB0 3 . On account of its close relation 
to hydrogen peroxide, H—O—0—H, its structural formula may be 
written 

H—O—O—B = O. 

THE AEGON GEOUP (THE INEET GASES) 

In addition to the groups already described, one more charac¬ 
teristic group of non-metals is known. It comprises a number of 
gaseous elements which are unable to form chemical compounds, 
and must therefore be described as having a valency of zero. They 
are known as the inert gases , or the rare gases , and the single members 
are helium , neon, argon , krypton and xenon. 

35. ARGON (A = 39*944) 

If pure air is taken ( i.e ., air free from moisture and carbon dioxide) 
and all the oxygen removed by chemical means, the residual gas 
consists chiefly of nitrogen, hut also contains a small amount of 
another gaseous element, argon. Ordinary air contains about 1% 
of argon by volume. This element is monatomic {i.e., its molecules 
consist of single atoms), and its atoms are thus unable to combine 
with one another. They are also unable to combine with any other 
element, so that argon may be said to have zero valency. 

Besides argon, the atmosphere contains four other similar elements 
(helium, neon, krypton, xenon), though in extremely small amounts. 
Only helium and neon are of any importance. The presence of these 
inert gases in a gas mixture is most readily detected by means of 
spectrum analysis , i.e., by examining the light emitted when an elec¬ 
tric discharge is passed through the gas at low pressure. Each gas 
emits light of a characteristic colour. The red light emitted by 
neon is used in illuminated advertisements. 

36. HELIUM (He = 4-002) 

Helium is only present in extremely small quantities in the 
atmosphere, but the spectrum of sunlight shows that it occurs in 
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larger quantities in the sun. Helium is formed slowly by the 
transformation of radioactive substances (see p. 236), and therefore 
accumulates in radioactive minerals, from which it can be obtained 
by heating. Larger amounts occur in some natural gases. With 
the exception of hydrogen, helium is the lightest gas known. It is 
the most difficult gas to liquefy : it boils at — 269° C. 5 Le., 4° above 
absolute zero. It is used for producing very low temperatures, 
and for filling airships. It has a great advantage over hydrogen 
for the latter purpose in that it is not inflammable. 



THE LIGHT METALS 


The electrical conductivity and other metallic properties of the 
metals are due to the presence of free electrons. The metal atoms 
have a great tendency to split off electrons and form positive ions 
(Na —> Na+ + 1 electron, Ca -> Ca++ + 2 electrons) (see p. 93), 
so that free metals are actually built up from positive ions and free 
electrons. This tendency of metals to form positive ions also 
appears in the properties of most metallic compounds, giving them 
the character of salts which contain the metal as a positive ion. 
Metallic oxides and hydroxides are most often soluble in acids. 
This is due to their tendency to combine with hydrogen ions, giving 
positive metal ions and water, e.g., 

ZnO + 2H+. -2H 2 0 

Fe 2 0 3 + 6H+- - 2Fe+++-f 3H 2 0 
Mg(0H) 2 + 2H+ • - Mg++ + 2H 2 0. 

(The metallic ions produced may be hydrated.) The oxides and 
hydroxides of the metals thus possess basic properties. 

The non-metals (with the exception of hydrogen) lose electrons 
only with difficulty; in fact, they often have a strong tendency 
to take up extra electrons and form negative ions (Cl + 1 electron -> 

Cl - , S + 2 electrons ->■ S = , etc.). For this reason the oxides of 

the non-metals have no basic properties, and the hydrogen com¬ 
pounds of non-metals are often acids, e.g., 

HC1 —>■ H+ -f Cl" 

H 2 S-*2H+ + S= 

The oxides of non-metals have an acid nature, as by the addition of 
water they form compounds which can split off hydrogen ions, e.g., 

H 2 0- - 2HC10 3 HCICV • H+ + C10 3 - 

S0 3 -H 2 0- - H 2 S0 4 ; H 2 S0 4 -2H+ + S0 4 = 

The tendency of the non-metals to form negative ions is thus 
retained after they have combined with oxygen, and does in fact 
increase with increasing oxygen content (cf. H 2 S and H 2 S0 4 , NH 3 
and HN0 3 ). In this connection it is of interest to note that with 
increasing oxygen content the metallic oxides often lose their basic 
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properties, and acquire the character of acid anhydrides (e.g., 
MnO is a basic oxide, Mn0 2 is neutral, and both Mn0 3 and Mn 2 0 7 
are acidic). 

The metals fall naturally into two groups : the light metals with 
densities below four, and the heavy metals with densities above 
seven. 

The light metals are the most electropositive , i.e. 3 they have a 
specially great tendency to form positive ions. Their chemical 
compounds generally contain the light metal as a positive ion, and 
in any case it is practically always split off as an ion on dissolving 
in water. Their oxides and hydroxides are usually strongly basic. 
On account of their tendency to lose electrons, the light metals 
react readily with many substances. They are therefore difficult 
to keep in the free state and are mostly used in the form of chemical 
compounds. 

The heavy metals have their electrons more firmly bound and are 
less electropositive than the light metals. Many of their compounds 
do not contain the metal as a positive ion even in aqueous solution, 
hut in the form of a complex . Their oxides and hydroxides are on 
the whole much less basic than those of the light metals. The 
heavy metals are as a rule easily kept in the free state and are 
generally used in this form. Finally it must be mentioned that 
many heavy metals (in contrast to the light metals) can lose a 
variable number of electrons, and thus exhibit a variable valency, 
e.g.. 


Fe —> Fe ++ + 2 electrons 
Fe->Fe++++3 „ 

Hg -> Hg + +1 „ 

+ 2 „ 


There is certainly a fundamental relation between the lightness 
of metals and their electropositive character. In the large atoms 
of the light metals the outer electrons are a long way from the 
atomic nucleus and are hence loosely bound. In the small atoms 
of the heavy metals the outer electrons are closer to the nucleus 
and are therefore more firmly bound. 

The light metals are divided into three groups according to their 
valency. 


Valency. 

The alkali metals (Na, K) . . . .1 

The alkaline earth metals (Mg, Ca, Ba, Ra). . 2 

The aluminium group (Al) . . . .3 
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THE ALKALI METALS 

About a hundred years ago it was discovered that the so-called 
alkalies (soda and potash) could be split up by an electric current 
into oxygen and some very reactive light metals. These alkali 
metals were named sodium and potassium. 

37. SODIUM (Ha = 22*997) 

Occurrence. Sodium occurs very widely as insoluble double 
silicates , e g., sodium felspar (sodium aluminium silicate). More 
important is its occurrence as sodium chloride (in rock salt and in 
salt springs and sea water). Sodium nitrate is found in Chili and 
sodium aluminium fluoride ( cryolite, Ha 3 AlE 6 ) in Greenland. 

Free sodium is a silvery white soft metal which is lighter than 
water. On exposure to the atmosphere it rapidly tarnishes, being 
attacked by the moisture in the air. The reaction between metallic 
sodium and liquid water is very vigorous, hydrogen being evolved 
and sodium hydroxide formed, 

2Na + 2H a O -> H 2 + 2Na+ -f 20H“ 

On account of these properties, sodium cannot occur naturally in 
the free state. To protect it from the air it is usually stored under 
paraffin. It is used for analytical and synthetical work in organic 
chemistry, and also for drying chemically inert solvents (benzene, 
ether, etc.). 

Sodium combines with mercury with the evolution of considerable 
quantities of heat, forming an alloy, sodium amalgam, which decom¬ 
poses water in the same way as sodium itself, but much less violently. 
The products are hydrogen, sodium hydroxide and free mercury. 

Sodium is prepared by the electrolysis of molten anhydrous 
sodium hydroxide. The sodium metal is formed at the cathode, 
while the hydroxyl ion goes to the anode and is liberated as oxygen 
and water, 

The Sodium Ion, Jfa + . Almost all sodium compounds contain 
the sodium atom as a monovalent positively charged ion, e.q., 

NaOH = Na+ . OH~ 

NaCl = Na+ . Cl- 

This shows that the sodium atom has a very great tendency to lose 
an electron and form a positive ion. The vigorous reaction of sodium 
metal with water can also be explained in terms of this same 
tendency. In this reaction it gives up its electron to the hydrogen 
ions in the water, 

Ha + H+ -> Na+ + H. 
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The hydrogen ions thus used up are replaced by fresh ones from the 
water, 


The total process is thus 

Na + H 2 0->]Sra+ + OH- + K, 
or taking into account the fact that the hydrogen molecule is H 2 , 
2Na + 2H 2 0 -> 2Na+ + 20H~ + H 2 . 

The sodium ion is colourless. It forms readily soluble salts with 
nearly all anions. Sodium pyroantimonate (Na 2 H 2 Sb 2 0 7 ) is, however, 
very sparingly soluble (£.e., it has a very small solubility product, 
see p. 123). A solution of potassium pyroantimonate is therefore 
used as a test for sodium ions. This solution contains EySbaO^ ions, 
and when these meet sodium ions a crystalline precipitate of sodium 
pyroantimonate is formed. The solution to be tested for sodium 
ions must not have an acid reaction and must not contain metal 
ions other than sodium and potassium. If the solution is acid, a 
flocculent precipitate of antimonic acid is formed, while if other 
metals are present their antimonates are precipitated in an amor¬ 
phous form. 

Sodium chloride, NaCl, is referred to commercially and domesti¬ 
cally merely as “ salt.” It occurs as rock salt , and also dissolved in 
salt springs and sea water. Many salt springs contain so much salt 
that they are almost saturated. On evaporating down ocean water, 
about 3*5% remains as a residue of mixed salts, of which about 80% 
is sodium chloride. 

Extraction. Crude rock salt usually contains potassium, mag¬ 
nesium and calcium salts. It is purified by recrystallisation. The 
crude salt is dissolved in water (the water from a salt spring is often 
used) and after removing the insoluble impurities, the sodium 
chloride is caused to crystallise out by boiling down the solution. 
Since sodium chloride is almost as soluble in cold water as in hot 
(see p. 19), it cannot be made to crystallise out by cooling a hot 
saturated solution. The salt must be scooped out as it separates 
out on boding and dried by heat. The more soluble impurities 
remain in the mother liquor. In districts where the climate is warm 
and dry {e.g., Spain and the south of France) the salt is obtained by 
letting sea water run into large flat reservoirs, where it is evaporated 
down by the heat of the sun. 

Both the fine table salt and the coarser cooking salt still contain 
small quantities of impurities, which usually does not matter. 
Salt should not, however, contain too much magnesium salts, or 
it will taste bitter and tend to cake together by absorbing moisture. 

Sodium chloride is used as an article of diet and for preserving 
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foodstuffs. A saturated solution of salt freezes at — 21°, and salt 
is therefore used in freezing mixtures, and for melting snow. Con¬ 
siderable amounts of salt are used commercially for the preparation 
of soda and sodium hydroxide. 

Sodium hydroxide, NaOH (common name, caustic soda), is a 
white solid which dissolves very readily in water with the evolution 
of large amounts of heat. It absorbs both water vapour and carbon 
dioxide from the air and must therefore be kept in well-closed 
vessels. Sodium hydroxide is a very strong base , being dissociated 
in solution according to the equation 


If a solution of sodium hydroxide is added to the solution of a 
metal salt, in most cases an amorphous precipitate of the metallic 
hydroxide is produced, e.g ., 

The precipitated hydroxide often loses a certain amount of water, 
and in some cases this process goes so far that the oxide of the metal 
is precipitated (Ag 2 0, HgO). A few metallic hydroxides dissolve 
up again in an excess of sodium hydroxide. They have a weakly 
acidic character and form soluble salts with the excess sodium 
hydroxide (A1(0H) 3 , Zn(OH) 2 ). 

On account of the hydroxyl ions which they contain, solutions of 
sodium hydroxide have a strongly corrosive effect upon organic 
tissue : hence the name “ caustic ” soda for sodium hydroxide. 
Glass and porcelain are also attacked by hot alkaline solutions, 
and solutions of sodium hydroxide are best boiled in iron or silver 
vessels. 

Sodium hydroxide is prepared either from sodium carbonate 
by treating with calcium hydroxide, or from sodium chloride by 
electrolysis. 

When a dilute solution of sodium carbonate is boiled with an excess 
of solid calcium hydroxide , the following reaction takes place, 

C0 3 = + Ca(OH) 2 —> 20H~ + CaC0 3 . 

Calcium hydroxide is slightly soluble in water and thus produces 
calcium ions and hydroxyl ions in the sodium carbonate solution. 
The solubility product of calcium carbonate is thus exceeded, 
causing it to separate out. The following two consecutive processes 
thus take place, 

Ca(OH) 2 Ca++ + 20H~ 

Ca++ + C0 3 = CaC0 3 

giving on addition the total process written above. The reaction 
is finished when a sample of the solution (filtered to remove pre- 
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cipitate) no longer evolves carbon dioxide with acids. The pre¬ 
cipitate (consisting of calcium carbonate and the excess calcium 
hydroxide) is allowed to settle to the bottom and the clear liquid 
siphoned oh (it attacks filter paper). The solution is evaporated 
down in iron or silver dishes, giving finally a fused mass of sodium 
hydroxide which solidifies on cooling and is usually cast into sticks. 
Although calcium hydroxide is somewhat soluble in pure water, 
the sodium hydroxide obtained by this method is free from calcium. 
This is because the hydroxyl ions present in a solution of sodium 
hydroxide decrease the solubility of the calcium hydroxide so much 
that a 10% solution of sodium hydroxide which is saturated with 
calcium hydroxide does not contain detectable amounts of calcium. 
(See the theory of the solubility product, p. 123.) 

When an aqueous solution of sodium chloride is electrolysed , the 
chloride ions go to the anode and give free chlorine, while the 
sodium ions go to the cathode and give sodium hydroxide and free 
hydrogen. By varying the conditions of electrolysis, the" following 
products can be obtained—sodium hydroxide, chlorine, hydrogen, 
hydrogen chloride, sodium hypochlorite (bleaching solution) and 
sodium chlorate. To obtain sodium hydroxide, chlorine and 
hydrogen, the anodic and cathodic products must be kept separate. 
This is often done by means of a diaphragm of asbestos fibre 
which prevents mixing but allows the ions to pass through. If the 
hydrogen and chlorine are combined, hydrogen chloride is formed. 
If the liquid is stirred so that the chlorine from the anode comes 
into contact with the hydroxide from the cathode, hypochlorite is 
first formed, but may be transformed to chlorate under suitable 
conditions (see p. 69). 

Sodium hydroxide is used (often in a very impure state) for making 
soap. Its solution is sometimes used as a cleansing agent, e.g., for 
removing old paint or varnish. 

Sodium oxide, Na 2 0, represents the normal sodium salt of water, 
while sodium hydroxide can be considered as the acid sodium salt. 
With water it immediately forms sodium hydroxide. It is difficult 
to prepare pure and is not formed by the direct combination of 
the metal and oxygen. It is not of much interest. 

Sodium peroxide, Na 2 0 2 , is a yellow powder prepared by heating 
metallic sodium in a current of dry air free from carbon dioxide. 
It is written Na 2 0 2 instead of NaO because it gives hydrogen 
peroxide when dissolved in water or acids, 

■ 2Na+ 20H~ + H 2 0 2 
Na 2 0 2 + 2H> + 2 Cl” - • 2N*a+ 2C1” + H 2 0 2 

It is thus the sodium salt of hydrogen peroxide. 
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Sodium peroxide is a very powerful oxidising agent and must be 
handled with great care. Mixtures with organic substances (, e.g 
paper or sugar) will ignite spontaneously and bum very violently 
if the substances are brought into intimate contact at a single spot 
by adding a few drops of water. 

Sodium sulphate, Na 2 S0 4 , is obtained by mixing sodium chloride 
with the calculated amount of concentrated sulphuric acid and 
heating strongly. Hydrogen chloride is given off (see p. 56) and 
sodium sulphate remains. 

2NaCl + H 2 S0 4 Na 2 S0 4 + 2HC1. 

Below 32° the salt crystallises from aqueous solution with 10 mole¬ 
cules of water of crystallisation. This hydrate (Na 2 S0 4 .10H 2 O) is 
known as Glauber's salt. 

If the hydrate is heated above 32°, it loses its water of crystallisation 
and splits up into anhydrous salt and its saturated solution. The 
solubility curves ox the hydrate and of the anhydrous salt are shown 
in Fig. 2, p. 19. 

Sodium sulphate is used widely as a purgative. 

Sodium nitrate, NaN0 3 , occurs in large quantities in Chili (Chili 
saltpetre or nitre). It is an important artificial manure and is used 
for preparing nitrogen compounds. (See further, p. 140.) 

Sodium carbonate, or washing soda } Na 2 C0 3 , is manufactured 
from sodium chloride by two different methods. It is a very impor¬ 
tant technical product, and a cheap process for its manufacture is 
therefore highly desirable. 

The Leblanc Process . In the older Leblanc (or black-ask) process 
the chloride is first converted to sulphate by heating with strong 
sulphuric acid, hydrochloric acid being thus obtained as a by¬ 
product, 

2NaCl + H 2 S0 4 Na 2 S0 4 + 2HC1. 

The sulphate is then roasted with coal or coke and coarsely ground 
calcium carbonate. The carbon reduces the sulphate to sulphide, 
Na 2 S0 4 + 2C Na 2 S + 2C0 2 , 

'and the sulphide then reacts with the limestone to give sodium 
carbonate and calcium sulphide, 

Na 2 S + CaC0 3 Na 2 C0 3 + CaS. 

The mixture of soda and calcium sulphide is extracted with luke¬ 
warm water, which dissolves the soda but leaves most of the calcium 
sulphide undissolved. Solid sodium carbonate is then obtained by 
evaporating down the solution thus obtained. 

The Solvay (or ammonia-soda) Process . In this more modern 
method ammonia and carbon dioxide are passed into a saturated 
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solution of sodium chloride, causing sodium bicarbonate (sodium 
hydrogen carbonate) to separate out, 

NaCl + H 2 0 + NH 3 + C0 2 -> NaHC0 3 + NH 4 C1. 

The sodium bicarbonate is filtered off and converted to sodium 
carbonate by heating 

2NaHC0 3 Na 2 C0 3 + H 2 0 + C0 2 . 

After filtering off the sodium bicarbonate the ammonia is recovered 
from the mother liquor by boiling with calcium hydroxide, and used 
again. A part of the carbon dioxide used is recovered when the 
bicarbonate is heated, and the remainder is obtained by heating 
limestone, 

CaC0 3 -> CaO + C0 2 . 

This last reaction also produces quick lime, which is slaked with 
water and used for recovering the ammonia. 

The Solvay process thus comprises altogether the following five 
single reactions : 

2NaCl + 2NH 3 + 2C0 2 + 2H 2 0 -> 2NaHC0 3 + 2NH 4 C1 
2NaHC0 3 - Na 2 C0 3 C0 2 H 2 0 

+ H 2 0-^Ca(0H) 2 

2NH 4 C1 + Ca(0H) 2 2NH 3 + CaCl 2 + 2H 2 0 

If these five equations are added together and the molecules occur¬ 
ring on both sides omitted, the net reaction is found to be 

2NaCl + CaC0 3 ^Na 2 C0 3 + CaCl 2 . 

The raw materials of the Solvay process are thus only sodium 
chloride and calcium carbonate, which are transformed by an 
indirect route into soda and calcium chloride. Ammonia is not to 
be considered as a raw material, as the same lot of ammonia goes 
through the whole cycle of operations, and it is only necessary to 
replace the unavoidable working losses. 

It is impossible to obtain soda and calcium chloride directly from 
limestone and common salt: in fact if solutions of the first two 
substances are mixed the reverse reaction takes place, and calcium 
carbonate is precipitated, sodium chloride remaining in solution, 

Na 2 C0 3 + CaCl 2 -> 2NaCl + CaC0 3 . 

Nor is it possible to precipitate sodium carbonate or bicarbonate 
by passing carbon dioxide into a saturated solution of sodium 
chloride. Carbon dioxide in aqueous solution forms such small 
amounts of carbonate and bicarbonate ions that the solubility 
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products of the corresponding sodium salts will never be reached. 
If, on the other hand, carbon dioxide and ammonia are simultaneously- 
passed in, ammonium ions and bicarbonate ions are formed according 
to the equation 

NH 3 + H 2 0 + C0 2 -> NH 4 + + HC(V. 

If the solution is saturated with sodium chloride, the solubility- 
product of the sparingly soluble sodium bicarbonate will be exceeded, 
and this salt will separate out. 

Anhydrous sodium carbonate is sold commercially as a fine 
white powder, which cakes together in a moist atmosphere : this 
is due to the formation of crystals of the hydrate which hold the 
powder together. For household use soda crystals are prepared 
by dissolving the anhydrous product in lukewarm water, when the 
decahydrate (Na 2 C0 3 .10H 2 O) separates out on cooling. This 
hydrate only contains 37% of sodium carbonate. 

The hydrolysis of sodium carbonate in solution and its use as a 
cleansing agent have been previously mentioned (pp. 109, 171). 
Large quantities are used in the soap and glass industries, and also 
for preparing organic products. 

Sodium hydrogen carbonate (usually called sodium bicarbonate), 
NaHC0 3 . If carbon dioxide is passed into a concentrated solution 
of common soda, the sparingly soluble sodium bicarbonate is 
precipitated, 

2Na+ + CO-r + C0 2 + H 2 0 2NaHC0 3 . 

On heating the bicarbonate, the normal carbonate is again formed, 
2NaHC0 3 Na 2 C0 3 + C0 2 + H 2 0. 

The use of sodium bicarbonate for neutralising acid liquids has 
already been mentioned (p. 171). 

Besides those which have been mentioned, a large number of 
other sodium salts are used in the house and laboratory and for 
medical and industrial purposes. If any salt of a certain acid can 
be used the’ sodium salt is generally taken, as it is usually soluble 
and cheap. 

Sodium bromide , NaBr, is used medicinally as a sedative. 

Sodium thiosulphate , Na 2 S 2 0 3 (with 5H 2 0 water of crystallisation), 
is prepared from the sulphite by boiling it with sulphur. It is used 
in photography for fixing, and also as an “ antichlor.” 

Sodium nitrite , NaN0 2 , is prepared by fusing the nitrate with 
metallic lead. It is frequently used in organic chemistry. 

Sodium phosphate , Na 2 HP0 4 (usually with 12H 2 0) is prepared 
by neutralising soda with phosphoric acid. It is used for preparing 
important buffer mixtures (see p. 120), and also medicinally as an 
aperient. 
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Sodium acetate 3 CH 3 COONa (usually with 3H 2 0), is prepared by 
neutralising soda with acetic acid. 

Sodium silicate (water glass) is prepared from soda and silica (sand 
or flint: see p. 196). 

Borax , KTa 2 B 4 0 7 (usually with 10H 2 O): see p. 209. 

REVIEW OF THE SODIUM SALTS 

As long as the anion has no colour of its own, sodium salts are 
colourless. With very few exceptions they are readily soluble in 
water, and are often hygroscopic and deliquescent. They generally 
crystallise well and often contain water of crystallisation . They 
impart a yellow colour to the Bunsen flame: this constitutes a very 
sensitive test for the presence of sodium. 

The sodium salts of various acids are obtained by neutralising 
the acid with sodium carbonate or (if the acid is too weak) with 
sodium hydroxide. 


38. POTASSIUM (K = 39*096) 

Occurrence. Potassium occurs chiefly in nature in the form of 
insoluble double silicates , e.g., in potash felspar (potassium aluminium 
silicate). Sea water contains a small quantity of potassium ions as 
well as sodium ions. Under many parts of central Europe there 
are very large deposits of soluble potassium salts, the most im¬ 
portant of which are carnallite , KC1. MgCl 2 .6H 2 0, and kainite, 
KC1. MgS0 4 .3H 2 0. These deposits were first discovered at 
Stassfurt, and are generally known as the Stassfurt deposits. The 
potassium salts rest on a layer of rock salt often over 1,000 metres 
thick. They have been formed in an earlier epoch when the climate 
was so hot and dry that sea water evaporated down sufficiently to 
cause the separation of salts of potassium and magnesium after 
those of sodium. 

Free potassium is a white soft metal much resembling sodium. 
It is still more rapidly attacked in air and reacts still more violently 
with water. 

The potassium ion, K + , is colourless and (in contrast to the 
metal) very stable. All potassium compounds give rise to potassium 
ions in solution. In testing for potassium compounds in solutions 
it is thus only necessary to test for potassium ions. Among the 
few anions which can precipitate potassium ions, the complex 
cobaltinitrite ion, {Co(N0 2 ) 6 } = , may be specially mentioned. A 
solution of sodium cobaltinitrite , Na 3 {Co(N0 2 ) 6 }, is used as a 
reagent for testing for potassium. 
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The yellow precipitate produced by precipitating potassium ions 
with a large excess of sodium cobaltinitrite has the composition 
K 2 NaCo(N0 2 ) 6 . In applying this test no metals other than the alkali 
metals must be present, since most metallic ions resemble potassium 
in being precipitated by the cobaltinitrite ion. The platinichloride ion 
PtCl G ~ and the perchlorate ion C10 4 ” also form potassium salts which 
are sparingly soluble in water and insoluble in alcohol (potassium 
platinichloride , K 2 PtCl 6 , potassium perchlorate , KC10 4 ). The quantita¬ 
tive estimation of potassium is usually carried out by precipitating 
one of these last two salts. 

Potassium chloride, KOI, is a white soluble salt which crystallises 
well. It occurs in the pure state in the Stassfurt deposits as the 
mineral sylvine. Most potassium chloride is prepared from carnallite , 
KC1. MgCl 2 .6H 2 0. This double salt splits up in aqueous solution 
into potassium, magnesium and chloride ions. If a hot concentrated 
solution of carnallite is cooled potassium chloride separates out and 
the very soluble magnesium chloride remains in solution. The 
potassium chloride is further purified by recrystallisation. It is 
used for preparing most other potassium compounds. 

Potassium hydroxide, KOH (commonly called caustic potash), is 
very similar to sodium hydroxide in appearance and properties. 
It is extremely soluble in water and is one of the most powerful 
drying agents known. It is prepared analogously to sodium 
hydroxide either by electrolysing potassium chloride or by treating 
potassium carbonate with calcium hydroxide. It is chiefly used 
for making soft soaps, and in medicine as a corrosive. 

Potassium carbonate, K 2 C0 3 » is a white and very hygroscopic salt 
which deliquesces if kept in imperfectly sealed containers. At one 
time it was obtained from wood ash by extracting with water and 
evaporating down the solution (hence the name “ pot-ash ”). It 
was used for cleansing purposes before soda was discovered. Nowa¬ 
days it is prepared from potassium sulphate (which occurs in the 
Stassfurt deposits) by heating with coke and limestone, 

K 2 S0 4 + 2C + CaC0 3 —> K 2 C0 3 + CaS + 2C0 2 , 

a process completely analogous to the manufacture of soda by the 
Leblanc process (see p. 218). Potassium carbonate is now used 
only in the laboratory and in chemical industry, having been dis¬ 
placed entirely by soda for domestic purposes. 

Potassium carbonate is sometimes obtained as a by-product in the 
manufacture of beet sugar. The sugar beet contains considerable 
amounts of potassium, which collects in the molasses ( i.e ., the mother 
liquor left after crystallising out the sugar). By evaporating down 
and carbonising the residue the organic potassium salts present are 
converted^ to potassium carbonate, which is extracted with water and 
the resulting solution evaporated down. 
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Other potassium salts which are frequently used in the laboratory 
and industrially are the following :— 

Potassium chlorate , KC10 3 (see p. 61), is chiefly prepared by the 
electrolysis of potassium chloride. It is a powerful oxidising agent 
and is used in explosives and matches. 

Potassium bromide, KBr, is used medicinally as a sedative. 

Potassium iodide, KI, is he most important iodide and has various 
medicinal uses. 

Potassium sulphate, K 2 S0 4 , is obtained from the Stassfurt deposits. 

Potassium nitrate, EHST0 3 (saltpetre, see p. 142), is prepared by 
double decomposition from potassium chloride and sodium nitrate. 
It is a constituent of gunpowder. 

Potassium ferrocyanide, K 4 Fe(CN) 6 (with 3H 2 0) is a yellow salt 
obtained as a by-product in the purification of coal gas (see pp. 179, 
299). 

Potassium dichromate, K 2 Cr 2 0 7 (see p. 287), crystallises in large 
orange crystals and is a powerful oxidising agent. 

Potassium permanganate, KMn0 4 , forms dark opaque crystals 
which dissolve in water with an intense purple colour. It is a 
powerful oxidising agent. 

Potassium alum, KA1(S0 4 ) 2 . 12H 2 0. 

Potassium hydrogen tartrate, KHC 4 H 4 0 6 (tartar), is deposited 
during the fermentation of grape juice. It is slightly soluble in 
water and insoluble in alcohol. It is used medicinally as a purgative. 

Potassium Fertilisers. Potassium salts are an indispensable 
constituent of plant foodstuffs, and a good soil must always contain 
soluble potassium salts. Unweathered double silicates containing 
potassium are often present in considerable quantities, but cannot 
be directly utilised by the plants. In the process of weathering 
they form soluble potassium salts, and are thus gradually utilised, 
though only very slowly. 

In order to replace the potassium salts in the soil as they are 
used up, soluble potassium salts are added as a fertiliser. The 
chief source of these potassium salts is the large deposits in central 
Europe. When those deposits were first discovered at Stassfurt 
they were regarded as a nuisance, as they made it difficult to mine 
the beds of rock salt beneath them. To-day they constitute the 
richest source of potassium compounds in the world. The potassium 
content of potassium fertilisers is usually expressed as percentage 
K 2 0, even when the potassium is present as potassium chloride. 

The most important Stassfurt salts are carnallite, KCl.MgCl 2 .6H 2 0, 
and hainite, KC1 . MgS0 4 .3H 2 0. Crude finely powdered kainite 
can be used directly as a fertiliser without further treatment. The 
commercial product usually contains about 12-15% K s O (pure 
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kainite should contain 20*8%). Carnallite, on the other hand, is 
usually subjected to some chemical treatment before use, as its 
high chlorine content is not always beneficial to plants. The fairly 
pure potassium chloride prepared from carnallite is, however, rather 
expensive for a fertiliser, and the product generally used contains 
about 40% K 2 0, corresponding to 63% KC1. All potassium ferti¬ 
lisers are hygroscopic and cake together when stored for long periods, 
thus becoming more difficult to spread. 

As mentioned above, many parts of the earth’s surface contain 
large amounts of insoluble double silicates containing potassium ; 
thus in Scandinavia there are large quantities of rock containing 
4-10% of potassium. These silicates cannot be used as fertilisers 
even when very finely powdered, as they are insoluble in water and 
in acids and are very resistant to weathering. The discovery of a 
method by which this potassium could be made available to plants 
would be of the greatest importance. 

REVIEW OF THE POTASSIUM SALTS 

Potassium salts are usually colourless and readily soluble in water 
(the cobaltinitrite, platinichloride, perchlorate and hydrogen 
tartrate are insoluble or only sparingly soluble). In contrast to the 
sodium salts they most often crystallise without water of crystallisa¬ 
tion . They colour the Bunsen flame lilac , but even a very small 
amount of sodium salt is able to mask this colour and colour the 
flame pure yellow. If a soluble salt of a given acid is required, it is 
often preferable to use the more expensive potassium salt in place 
of the sodium salt, as potassium salts usually crystallise better and 
are less hygroscopic than the corresponding sodium salts. If a 
salt crystallises well it is easier to detect adulterations or impurities 
by inspection. 

The Rare Alkali Metals. There are three other less common alkali 
metals, lithium , rubidium and caesium , of which lithium is the most 
widely distributed. It has the lowest atomic weight of any metal 
(Li = 6*940), and colours the Bunsen flame a bright red. Its salts 
resemble somewhat those of magnesium : e.g., lithium hydroxide and 
lithium carbonate are both sparingly soluble. Lithium salts are used 
medicinally for treating rheumatism. 


39. REVIEW OF THE ALKALI METALS 

The two most important alkali metals are sodium and potassium. 
The free metals are very reactive : they immediately tarnish in air 
and decompose water vigorously. They are always monovalent in 
their compounds. Their hydroxides are strong bases , very soluble 
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in water. Their salts are usually readily soluble : it may be specially 
noted that in contrast to all other metals they form soluble normal 
carbonates, phosphates and silicates. All their compounds are 
ionic , i.e., they contain the alkali metal as an ion, or at least will 
split it off as an ion when dissolved in water. 

THE CALCIUM GROUP 

The calcium group contains ail the divalent light metals (some¬ 
times called the alkaline earth metals). The most important are 

magnesium, calcium, barium and radium. 


40. MAGNESIUM (Mg - 24*32) 

Occurrence. Magnesium occurs naturally chiefly in combination 
with silicic acid or carbonic acid. Asbestos is a magnesium silicate 
containing some calcium. Meerschaum is hydrated magnesium 
silicate. Magnesite is magnesium carbonate (MgC0 3 ). Dolomite is a 
mixture of calcium and magnesium carbonates (MgCO s , 0aCO 3 ). 
All these minerals are insoluble. Dissolved magnesium salts are 
contained in sea water , which is the source of the soluble magnesium 
salts in the Stassfurt deposits. Besides the double salts carnallite, 
KC1. MgCl 2 .6H 2 0, and Jcainite, KOI. MgS0 4 .3H 2 0, these deposits 
contain magnesium as magnesium sulphate in Jcieserite , MgS0 4 . H 3 0. 
Magnesium also occurs in the green colouring matter of leaves 
(chlorophyll), which plays an important part in the assimilation of 
carbon dioxide from the air. 

Magnesium is a white metal. It retains its lustre for some time 
in the air, but is eventually oxidised on the surface and becomes 
dull. It will not decompose water at room temperature, but does 
so at the boiling point, 


When magnesium is ignited it burns to magnesium oxide, MgO, 
with the emission of a dazzling light. This light is suitable for 
photography, and flash-light powders are composed of a mixture of 
magnesium powder and an oxidising agent such as potassium 
chlorate, 

KC10 3 + 3Mg KC1 + 3MgO. 

Magnesium is an important constituent of many modern light 
metal alloys. 

Magnesium is prepared by electrolysing molten anhydrous 
carnallite. The magnesium is deposited at the cathode and chlorine 
is liberated at the anode. 
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The magnesium ion, Mg ++ , is colourless and has a bitter taste. 
The bitter taste of sea water is due to its presence. Most magnesium 
compounds are ionic , i,e. 9 they contain magnesium ions, or at any 
rate form them when dissolved in water. Magnesium ions are 
detected in solution by adding sodium phosphate and enough 
ammonia to make the solution alkaline. The magnesium is then 
precipitated as magnesium ammonium phosphate, MgNH 4 P0 4 .6H 2 0, 
a very sparingly soluble microcrystaliine double salt, 

Mg++ + HP0 4 = + NH 3 -> MgNH 4 P0 4 . 

Before carrying out this test all other metals except sodium and 
potassium must be removed from the solution. 

Magnesium oxide, MgO (old name magnesia ), is a white powder 
which neutralises acids, forming magnesium salts, 

MgO + 2H+ Mg ++ + H. 2 0 

and is therefore used medicinally for neutralising acid in the gastric 
fluid. It combines slowly with water to give 

Magnesium hydroxide, Mg(OH) 2 , which is a white powder almost 
insoluble in water. It is, however, sufficiently soluble to impart an 
alkaline reaction to water in which it is suspended (pH = about 10*6). 
Its solubility product is thus small but measurable : PM g (oH) 3 — 
c Mg ++ . c‘oh- = about 10 -11 . If hydroxyl ions are added to a solution 
containing magnesium ions (e.g., sodium hydroxide to magnesium 
sulphate) the solubility product of magnesium hydroxide is exceeded 
and it is precipitated, 

Mg++ + 20H- -> Mg(OH) 2 . 

The magnesium ion is precipitated practically completely by 
strong bases like caustic soda and barium hydroxide. If a solution 
of ammonia (a weak base) is used the precipitation is incomplete 
and can be prevented altogether by adding ammonium salts to the 
ammonia. This last fact is used in analysis: thus in precipitating 
magnesium ammonium phosphate in ammonical solution, large 
amounts of ammonium salts are added to prevent the precipitation 
of magnesium hydroxide. 

The effect of ammonium salts in preventing the precipitation of 
magnesium ions by ammonia is due to the fact that the addition of 
ammonium salts to a solution of ammonia decreases the hydroxyl 
ion concentration (see p. 120). The hydroxyl ions are formed by 
the reversible process, 

NH 3 + H 2 0 ^ NH 4 + 4- OH- 

and when an ammonium salt is added, most of the hydroxyl ions 
in the solution combine with ammonium ions to give water and 
ammonia, This can be shown by adding the indicator phenol* 
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phthalein, which in the pH range 8-10 becomes more and more 
red as the hydroxyl ion concentration increases. A solution of 
ammonia alone gives phenolphthalein a bright red colour (pH >10, 
Coh“> 10 -4 ), but by adding a large amount of ammonium chloride 
the colour can be made to disappear completely (pH< 8, c 0 h~< 10” 6 ). 
Thus by adding ammonium salts to ammonia the hydroxyl ion 
concentration can easily be made so small that the solubility product 
of magnesium hydroxide is not exceeded even when the concentra¬ 
tion of magnesium ions in the solution is considerable. 

Magnesium sulphate, MgS0 4 , is the most important magnesium 
salt. It occurs in the Stassfurt deposits as kieserite, MgS0 4 . H 2 0. 
Kieserite dissolves very slowly in water, and by treating the mixed 
salts with water for a short time the other salts can be removed, 
leaving the kieserite undissolved as a fine powder. If the kieserite 
sludge is left for some time in a moist state it takes up water and is 
converted to a crystalline soluble hydrate with seven molecules of 
water of crystallisation. This hydrate, MgS0 4 .7H 2 0, is used as 
an aperient under the name of Epsom salts . 

REVIEW OP THE MAGNESIUM SALTS 

Magnesium salts are colourless and usually crystallise well and 
are soluble in water. Important insoluble salts are the secondary 
and normal phosphates, the normal carbonate and the silicates. 
All the salts crystallise from aqueous solution with water of 
crystallisation, and are dissociated into magnesium ions and anions 
in solution. 


41. CALCIUM (Ca = 40-08) 

Occurrence. Calcium occurs in nature as carbonate (limestone, 
chalk, marble), sulphate (gypsum), silicate (mostly in double silicates), 
phosphate (apatite and phosphorite) and fluoride (fluorspar). All 
animal and vegetable cells contain calcium : bones contain the 
phosphate and (to a smaller extent) the carbonate. 

Calcium is a white metal which reacts rapidly with water even 
at room temperature. 

Ca + 2H 2 0 Ca(OH) 2 + H a . 

On heating in air it burns to give a mixture of calcium oxide, CaO, 
and calcium nitride, Ca 3 N 2 . 

Calcium metal is prepared by electrolysing molten anhydrous 
calcium chloride. 

The Calcium Ion, Ca ++ . The calcium atom contains two loosely 
bound electrons which are readily lost, forming the divalent ion 
Ca +4 \ All calcium compounds give calcium ions when dissolved 
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in water. A solution can be tested for the presence of calcium ions 
by adding oxalate ions, as calcium oxalate , CaC 2 0 4 , has a very low 
solubility. The oxalate ions are usually added in the form of ammo¬ 
nium oxalate. If the solution contains a strong acid such as hydro¬ 
chloric, the calcium ion cannot be precipitated by the addition of 
ammonium oxalate. The explanation of this fact is as follows. The 
oxalate ion CgO^ has weakly basic properties and in presence of a 
high concentration of hydrogen ions will be converted into the hydro¬ 
gen oxalate ion HC 2 0 4 ~. The solubility product P = c Ca ++ . c Ca0 - 
will thus not be exceeded even if the solution contains a considerable 
concentration of calcium ions. On the other hand, the solution 
can be acidified with acetic acid, since in this case there will not be 
enough hydrogen ions present to prevent the precipitation of 
calcium oxalate. The test is usually carried out in the presence of 
acetic acid or ammonia. 

Calcium chloride, CaCl 2 , is very soluble in water. It can be 
prepared by dissolving calcium carbonate in hydrochloric acid, 
CaC0 3 - CaCl 2 + H 2 0 + C0 2 

and is obtained as a by-product in the manufacture of soda by the 
Solvay process (see p. 218). It can take up six molecules of water 
of crystallisation, and will absorb still more water, deliquescing to 
a solution. On heating, the water of crystallisation is given up. 
The anhydrous porous calcium chloride thus formed is much in 
use as a drying agent. It is, however, only the first molecule of 
water of crystallisation that is held with great tenacity. 

Calcium oxide, CaO, is prepared by heating calcium carbonate, 
(limestone), and is hence commonly called lime or quick lime . 
Carbon dioxide is given off, and calcium oxide left behind, 


This operation is carried out on a large scale in lime-kilns, in which 
the limestone is heated to bright red heat by fuel mixed with it. 

If calcium carbonate is heated in a closed container it will give off 
carbon dioxide until the pressure of this gas has reached a certain 
value known as the dissociation pressure . If the pressure of carbon 
dioxide is greater than the dissociation pressure the process will take 
place in the reverse direction, Le., the carbon dioxide will combine 
with any calcium oxide present to give calcium carbonate. The higher 
the temperature, the higher the dissociation pressure. At 500° the 
dissociation pressure of calcium carbonate is only a fraction of a milli¬ 
metre, but at 900° it has reached one atmosphere. The latter tempera¬ 
ture can be considered as a kind of boiling point for calcium carbonate, 
since the gas which is given off is at this point able to overcome the 
pressure of the atmosphere. Above this temperature the transformation 
of calcium carbonate to calcium oxide takes place rapidly and com¬ 
pletely. 
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Quick lime is obtainable commercially in large porous lumps, 
since when limestone is heated it retains its shape, although losing 
44% of its weight. It absorbs water vapour and carbon dioxide 
from the atmosphere and eventually crumbles into a powder of 
calcium hydroxide and calcium carbonate. When it is slaked 
(i.e., water is poured on it) it first absorbs the water in its pores and 
is then transformed to a white powder of calcium hydroxide with 
considerable evolution of heat and increase of volume, 

Calcium hydroxide {slaked lime), Ca(OH) 2 , is a white solid which 
is sparingly soluble in water (1 part of Ca(OH) 2 in about 600 parts 
of water). In solution it is dissociated into calcium ions and hydroxyl 
ions, and therefore acts as a strong base. On account of its low 
solubility its solutions cannot be made so strongly alkaline as can 
those of sodium and potassium hydroxide, but solutions of calcium 
hydroxide have nevertheless considerable corrosive power. Calcium 
hydroxide is the cheapest alkali available and is therefore widely 
used. If slaked lime is stirred up with enough water to give it the 
consistency of a thin paste milk of lime is obtained, while if enough 
water is used to dissolve it the resulting solution is called lime-water . 
In the trade a distinction is made between “ fat ” lime and “ poor ” 
lime ; the former slakes rapidly and easily and gives a pure white 
product. The purer the limestone used, the fatter the lime obtained. 
If the limestone contains clay and is burnt at a high temperature the 
lime may lose its power of being slaked, when it is said to be C£ dead 
burnt. ” This probably happens because calcium silicate is formed on 
heating, which then melts and fills the pores so that the water is pre¬ 
vented from coming into contact with the particles of calcium oxide. 

Calcium hydroxide in the form of lime-water is used for testing 
for carbon dioxide in the laboratory. Milk of lime is used for clean¬ 
sing and for whitewashing. Slaked lime is used for making mortar, 
and for preparing chloride of lime and ammonia (see pp. 60, 132). 
Large quantities of calcium oxide and hydroxide are used as 
fertilisers. 

Soda lime (the most useful absorbent for carbon dioxide) is prepared 
by slaking quick lime with sodium hydroxide solution and then 
evaporating to dryness. 

Mortar and Cement. Mortar is prepared by mixing slaked 
lime with sand (or gravel) and water. When exposed to the 
atmosphere it hardens slowly to a solid mass, the calcium hydroxide 
taking up carbon dioxide from the atmosphere and forming calcium 
carbonate, 

Ca(OH) 2 + C0 2 -» CaC0 3 + H 2 0. 
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The calcium carbonate is deposited as small crystals which knit 
the grains of sand together to a hard mass. The hardening begins 
on the surface, and since the atmosphere only contains small 
amounts of carbon dioxide, it takes many years before the mortar 
in the interior of a thick wall is completely converted to calcium 
carbonate. 

Ordinary mortar does not begin to harden until part of its water 
has evaporated off and the air thus has an opportunity of acting 
on it. It is therefore not suitable for use in damp places and cannot 
be used at all under water. Mortar made from cement must be 
used in the latter case. 

Cement (Portland cement) is prepared from limestone and clay. 
These materials are mixed together thoroughly and heated in 
furnaces to a very high temperature. The limestone is converted 
to calcium oxide, which combines with the aluminium oxide and 
silica in the clay to give calcium aluminium silicate. The ignited 
mass consists of hard sintered fragments. By grinding these 
cement is obtained as a fine grey powder. When cement is mixed 
with a little water it absorbs water and hardens. In contrast to 
ordinary mortar, cement does not need carbon dioxide to make it 
set. In the process of setting part of the cement dissolves, 
but separates out again as crystalline needles of less soluble hydrated 
compounds which bind the loose particles together and make the 
cement very resistant to pressure. Concrete is made by mixing 
cement with sand and chips of granite or brick. It is used for 
building foundations and any constructions under water. Ferro¬ 
concrete or reinforced concrete consists of a skeleton of iron wires or 
rods round which concrete is cast. This construction combines the 
resistance to pressure of concrete with the tensile strength of iron. 
Although the cement is porous, iron enclosed in cement does not 
generally rust as quickly as iron exposed to the atmosphere. This 
can be attributed to the alkaline reaction of the cement, as it is 
known by experience that iron only rusts with difficulty in alkaline 
solutions. 

Calcium sulphate, CaS0 4 , occurs naturally with two molecules of 
water of crystallisation as gypsum , CaS0 4 .2H 2 0. This salt is 
sparingly soluble in water (1 part of CaS0 4 in about 500 parts 
of water). When gypsum is heated a little above 100° it loses 
water of crystallisation and becomes plaster of Paris. If plaster of 
Paris is mixed with water it takes up the water of crystallisation 
again and the paste sets to a hard mass. Plaster of Paris is therefore 
used for making plaster casts and for some kinds of cement and 
mortar. 

Plaster of Paris must not be completely dehydrated, but should 
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still contain half a molecule of water of crystallisation (CaS0 4 . -JH 2 0). 
If more water is lost it sets much too slowly after mixing with water. 

It can be seen under the microscope that while setting the particles 
of plaster of Paris go into solution and are replaced by long needles of 
hydrated crystalline gypsum. These needle-shaped crystals grow into 
one another so that a solid mass is formed. The setting really depends 
upon the fact that the dehydrated gypsum is more soluble than the 
dihydrate and is therefore converted into the dihydrate in the presence 
of water. In the presence of solvent the more soluble form of a sub¬ 
stance will always be less stable than the less soluble form, provided 
the two forms dissolve to give identical solutions. 

Calcium carbonate, CaC0 3 , is the most important salt of calcium. 
It occurs naturally in the crystalline state as calc-spar. Very large, 
pure, doubly-refracting crystals are found in Iceland ( Iceland spar). 
Marble is a definitely crystalline and fairly pure form of calcium 
carbonate. Impure and less crystalline forms are limestone and 
challc. Marl is a mixture of calcium carbonate with considerable 
amounts of clay or sand. 

Calcium carbonate is very little soluble in pure water, but will 
dissolve to a certain extent in water containing carbon dioxide, 
the soluble calcium bicarbonate being formed, 

CaC0 3 + C0 2 + H 2 0 - 2HC0 3 ~. 

In this solution the solubility product of calcium carbonate 
(cca++ • °co 3 = = about 10~ 8 ) is not exceeded, since although the solu¬ 
tion contains a considerable amount of calcium ions, there are 
practically speaking no carbonate ions present. The bicarbonate 
ion is such a weak acid (see p. 170) that it is only dissociated to a 
very small extent into hydrogen ions and carbonate ions. The 
reaction between the dissolved carbon dioxide and the solid calcium 
carbonate is incomplete and reversible, and if the free carbon dioxide 
is removed from the solution by a current of air or by boiling the 
dissolved bicarbonate will eventually be completely decomposed 
into carbon dioxide and solid calcium carbonate. (The scale in 
boilers and “ fur ” in. kettles consist chiefly of calcium carbonate.) 

Hard Water . Water which contains appreciable quantities of 
calcium (or magnesium) salts is called hard. Hard water deposits 
large quantities of boiler scale and cannot be used in steam boilers. 
It is also unsuitable for washing, as it needs more soap than soft 
water. This is because soap consists of sodium stearate, and 
calcium stearate is insoluble. The amount of soap able to exert a 
cleansing action is decreased by the presence of calcium salts 
in the water. 

The degree of hardness is usually stated in grams CaO per 
100 litres of water (any magnesium salts present being reckoned as 
the equivalent amount of CaO). The dividing line between hard 
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and soft water is usually put at about 10 degrees of hardness (cf. 
p. 47). 

Besides the positive calcium (and magnesium) ions, hard water 
must also contain an equivalent amount of negative ions. In 
natural waters these are usually bicarbonate ions and sulphate 
ions. The hardness associated with bicarbonate ions can be removed 
by bo ilin g (whence it is called temporary hardness ), when carbon 
dioxide is given off and calcium carbonate is precipitated, 

It can also be removed by adding calcium hydroxide, 

Ca + * j “ + 2HC0 3 ~ + Ca(OH) 2 —> 2CaC0 3 + 2H 2 0. 

The sulphate hardness cannot be removed by boiling (and is hence 
called permanent hardness ), but by adding soda the calcium ions 
corresponding to the sulphate ions can be precipitated as carbonate, 
Ca++ + C0 3 =~>CaC0 3 
leaving behind only soluble sodium sulphate. 

All hard water can be softened by passing it through a filter of 
permutite, which will be described under aluminium (p. 245). 

Aggressive Water. Water containing carbon dioxide, which has 
not had a chance to become saturated with calcium carbonate, 
attacks mortar and cement, and is hence termed “ aggressive.’ 7 
* The Calcium Cycle in Nature. When rain water soaks through 
the surface layer of humus it takes up carbon dioxide which is 
formed by the slow oxidation (combustion) of the humus substances. 
If the lower strata contain calcium carbonate, some will be dissolved 
by the water, and in such cases hard spring water is produced. 
When the spring water emerges it gradually gives off its carbon 
dioxide to the atmosphere, and hence loses the power to keep 
calcium carbonate in solution. It may be deposited as chalk, or 
used by organisms living in the -water to make their skeletons or 
shells. The dead remains of these animals are in time converted 
back into limestone, thus completing the calcium cycle. 

Calcium fluoride, CaF 2 (fluorspar), is very sparingly soluble, in 
contrast to the other calcium halides. It is used in metallurgy for 
lowering the melting point of slags. 

A number of calcium compounds have already been dealt with 
under the non-metals, and will only be mentioned here. 

Chloride of lime (p. 60) is a mixture of calcium hypochlorite, 
Ca(0Cl) 2 , and calcium chloride. It is a powerful oxidising agent, 
and is used as a disinfectant and for bleaching. 

By boiling sulphur with milk of lime an orange-coloured solution 
is obtained which contains poly sulphides of calcium (p. 78). The 
solution is used for spraying diseased plants. 
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Calcium nitrate (p. 143) is used as a nitrogen fertiliser. 

Superphosphate (p. 156) is a mixture of primary calcium phosphate 
and gypsum, obtained by treating normal calcium phosphate with 
sulphuric acid. It is used as a phosphate fertiliser. 

Basic phosphate or basic slag (pp. 156, 297) is a calcium phosphate 
rich in lime obtained as a by-product in the manufacture of steel. 
It is used as a phosphate fertiliser. 

Glass (p. 199) is an amorphous mixture of silicates rich in silica, 
which nearly always contains considerable amounts of calcium 
silicate. 

Calcium carbide, CaC 2 (p. 182), is used for preparing acetylene and 
Nitrolim, which contains calcium cyanamide Cabf . NC (p. 143) as 
an essential constituent. It is used as a nitrogen fertiliser. 

The Preparation of Calcium Salts. The soluble calcium salts can 
be prepared by dissolving calcium carbonate or calcium hydroxide 
in the appropriate acid: e.g ., calcium nitrate is prepared by 
dissolving limestone in nitric acid. The insoluble salts can be pre¬ 
pared by precipitating a solution of a calcium salt with a soluble 
salt of the acid in question. These methods of preparing soluble 
and insoluble salts respectively are of general importance, as they 
are applicable to the preparation of the salts of many other metals. 

REVIEW OF THE CALCIUM SALTS 

Calcium salts are colourless and usually soluble in water. Insoluble 
salts are the normal carbonate, the normal and secondary phos¬ 
phates, the silicates, the fluoride and the salts of a number of 
organic acids (oxalic, malic, tartaric, citric, tannic, etc.). Calcium 
salts usually crystallise with water of crystallisation. The use of 
plaster of Paris for casting and of calcium chloride for drying 
depends on their tendency to take up water of crystallisation. 
Calcium salts colour the Bunsen flame orange-red . 

42. BARIUM (Ba = 137*36) 

Occurrence. Barium occurs naturally as heavy spar, RaS0 4 , so 
called because its density is considerably higher than that of common 
kinds of rock like granite and limestone. 

The compounds of barium are very similar to the corresponding 
calcium compounds : however, barium sulphate is much less soluble 
than calcium sulphate, and, conversely, barium hydroxide is 
considerably more soluble than calcium hydroxide. All soluble 
barium compounds give barium ions when dissolved in water. 

The barium ion, Ba ++ , is colourless and poisonous. It is detected 
by adding dilute sulphuric acid. On account of the very small 
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solubility product of barium sulphate (c Ba ++ . c S or = about 10“ 10 ) 
a solution cannot contain simultaneously appreciable amounts of 
barium ions and sulphate ions, and hence barium ions are pre¬ 
cipitated by adding dilute sulphuric acid, 

Ba++ + S0 4 = BaS0 4 . 

Conversely, barium chloride (or nitrate) is used for detecting 
sulphate ions. Both tests can be carried out in strongly acid solu¬ 
tion, since barium sulphate is almost as insoluble in acids as it is 
in water. (Sulphuric acid is a very strong acid, and hence the 
sulphate ion has very weak basic properties : cf. p. 115.) 

Barium hydroxide, Ba(OH) 2 (usually with 8H 2 0), is a crystalline 
solid which is considerably more soluble in water than calcium 
hydroxide. Its solutions have a strongly alkaline reaction and 
give a precipitate of barium carbonate with carbon dioxide. Its 
aqueous solutions are sometimes called baryta (from the old name 
for barium oxide). 

Barium hydroxide is prepared from heavy spar. The mineral is 
first reduced to the sulphide by heating with coke, 

BaS0 4 + 2C -> BaS + 2C0 2 

and the sulphide is then boiled with water and cupric oxide, when 
the sulphur combines with the copper and a solution of barium 
hydroxide is formed, 

BaS + CuO + H 2 0 -> Ba++ + 20H- + CuS. 

The solution is separated from the cupric sulphide by filtering, 
and evaporated until it crystallises. 

The Use of Barium Hydroxide in Testing for the Alkali Metals . 
Barium hydroxide is used in analysis for separating sodium and 
potassium ions from the ions of other metals. If the solution to 
be analysed is boiled with an excess of barium hydroxide solution 
and a little barium chloride, most of the metals are precipitated as 
insoluble hydroxides. The solution now contains only the ions of 
sodium, potassium and barium, together with various anions 
(hydroxyl, chloride and such of the anions originally present as 
are not precipitated by barium ions). By boiling this solution with 
ammonium carbonate, the barium ions are precipitated as barium 
carbonate and replaced by ammonium ions. The solution is now' 
evaporated to dryness and the residue ignited in a crucible, thus 
removing the ammonium ions as volatile ammonium salts. The 
only cations present in the residue after ignition are sodium and 
potassium ions. 

Zinc, lead and aluminium are not precipitated by boiling with 
barium hydroxide, since their hydroxides are soluble in strongly 
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alkaline solutions. However, these metals are either precipitated on 
adding ammonium carbonate, or remain in an insoluble form when 
the residue after ignition is extracted with water. 

Barium chloride, BaCl 2 , is prepared from heavy spar. The 
mineral is first reduced to sulphide as described above, and the 
sulphide is then dissolved in hydrochloric acid, 

BaS + 2HC1 -> BaCl 2 + H 2 S. 

It is a soluble salt which is used for detecting and estimating sulphate 
ions. 

Barium sulphate, BaS0 4 , is insoluble in water and in dilute 
acids. On fusing with sodium carbonate it is converted to barium 
carbonate, 

BaS0 4 Na 2 C0 3 —> BaC0 3 ~p !Na 2 S0 4 

which can be dissolved in acids if the sodium sulphate is first 
washed out. On heating with carbon barium sulphate is reduced 
to barium sulphide, which is also soluble in acids. 

On account of its opacity to X-rays, it is used by doctors for 
obtaining clearer X-ray photographs of internal organs. Thus if 
the alimentary canal is to be photographed, the patient must eat 
a meal beforehand containing barium sulphate. Since barium 
sulphate is insoluble in water and in hydrochloric acid, it is not 
poisonous like most barium compounds. Barium carbonate is 
insoluble in water, but it is soluble in the hydrochloric acid of the 
stomach, and is therefore poisonous enough to be used as a rat 
poison. Barium sulphate is used as a constituent of white paints. 

Barium salts impart a green colour to the Bunsen flame. 

43. RADIUM (Ra = 225-97) 

Radium is a very rare element. It is quite widely distributed 
{e.g., in many mineral waters), but always occurs in extremely 
small quantities. The largest amounts occur in ores containing 
uranium, but even the richest uranium ore (pitchblende) contains 
only about 0-15 g. radium per ton. Radium is therefore extremely 
costly (£10 to £15 per milligram). It is used chiefly for medicinal 
purposes. 

Radium is a divalent metal. Its compounds are so similar to 
the corresponding compounds of barium that it is very difficult to 
separate the salts of these two metals from one another. Radium 
sulphate , RaS0 4 , is still less soluble than barium sulphate. The 
salts of radium generally used are radium chloride, RaCl 2 , and 
radium bromide, RaBr 2 . Radium preparations are usually sealed 
up in small tubes of glass or metal to avoid losing any of the valuable 
material. 
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Radium compounds are prepared from pitchblende, the radium 
being first separated together with barium as sulphate, and then 
separated from the barium by many repeated recrystallisations of 
the chloride or bromide. 


RADIOACTIVITY 

Radi um and all its compounds are radioactive, i.e., without any 
external stimulation they give off an uninterrupted stream of 
radiation. This radiation affects a photographic plate , causes 
luminescence in certain substances [e.g., zinc sulphide and barium 
platinoeyanide) and makes the air able to conduct electricity by 
ionising it. (The ions formed in the air have, however, only a very 
short lifetime, as the positive and negative ions rapidly recombine 
again.) If a charged electroscope is brought near a radioactive 
substance it rapidly loses its charge, because the air around it 
becomes conducting. In this way it is possible to detect the presence 
of very small amounts of radioactive substances. When the radia¬ 
tion is absorbed, heat is developed, and radioactive substances 
therefore produce heat continuously without external aid. One 
gram of pure radium develops about 25 calories in one hour. The 
radiation has a powerful physiological action. It stops or decreases 
the vital processes in living tissue, and is therefore used in treating 
cancer in an attempt to prevent the cancer growths from spreading. 
Radioactive waters are supposed to be beneficial in cases of rheuma¬ 
tism and other illnesses. It is certainly a fact that many springs 
which have long been famed for their curative power are radio¬ 
active. 

The amount of radiation emitted by a radium preparation is 
independent of the way in which the radium is combined chemically, 
and does not change with the temperature or any other external 
variable. 

Three kinds of radioactive radiation can be distinguished. The 
oc-rays consist of positively charged helium atoms (He ++ ), which are 
ejected with very high velocities (several per cent, of the velocity of 
light). The /krays consist of electrons, which are ejected with still 
higher velocities (approaching that of light). The y-rays are not 
composed of material particles, but are vibrations in the ether, 
resembling light, but having a very much shorter wavelength than 
ordinary light rays. 

Besides radium, other radioactive elements are known, e.g., 
uranium and thorium. These two substances are, however, more 
than a m il lion times less radioactive than radium. Potassium is 
also radioactive, but is a thousand times less active than uranium. 
It seems reasonable to suppose that if sufficiently refined methods 
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of investigation were available it would be possible to detect radio¬ 
activity in many other elements. 

The Origin of Radioactivity: the Disintegration Hypothesis. A 
careful investigation of the radioactive elements has revealed that 
their radioactivity is due to the continuous decomposition or 
disintegration of their atoms. In a radium preparation a small 
fraction (1/2900) of the radium present disappears every year, 
while the fraction is correspondingly smaller for the other radio¬ 
active substances mentioned above. 

Although the radioactive elements gradually change into other 
substances, showing them to be composite systems, they are never¬ 
theless considered as elements . There are many good reasons for 
this. Tims when radium is heated in a Bunsen flame it emits a line 
spectrurul-esembling that of related elements, and not a band 
spectrum like composite radicals such as ammonium and cyanogen. 
Radium also fills a definite place in the periodic system (see later). 
It is now believed that not only the atoms of radioactive elements, 
but also those of all the other elements are composite . The difference 
is merely that the atoms of the radioactive elements are less 
stable than the others. It is therefore no longer correct to define 
an element as a substance which cannot be decomposed. It is better 
defined as a substance whose decomposition cannot be effected by 
the usual agencies employed in chemical work, or at least cannot 
be accelerated or retarded by these agencies. The concept of 
elements has thus changed its nature, but is just as indispensable 
as before. 

The disintegration of the single radium atoms takes place 
suddenly and explosively, ejecting an a-particle (i.e. } a positively 
charged helium atom He ++ ) with great velocity. Since the atomic 
weight of helium is 4, the part of the radium atom left behind after 
the explosion must have an atomic weight 4 units less than the 
original radium atom, i.e ., 226 — 4 = 222. It has actually been 
found that radium is transformed to an element of this atomic 
weight: a gas of the argon group which has been named radium 
emanation , or radon (Rn). One gram of radium emits about 
0T cu. mm. of radon every day. The emanation is much more 
radioactive than radium itself, about one-seventh of its atoms 
disintegrating every day. When the emanation disintegrates, a 
new element, radium A, is formed, and the process continues 
through a series of radioactive changes through radium B, radium C, 
radium D, radium E and radium F, giving finally radium G, a 
substance resembling lead, which is stable and does not appear to 
be radioactive. 

A number of these transformations are accompanied by the 
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emission of a-particles, just like the disintegration of radium itself. 
In all such a-particle disintegrations the atomic weight is diminished 
by 4. In the other transformations a ^-particle (Le., an electron) 
is emitted, and on account of the very small mass of this particle 
no change in atomic weight is observed. 

It is a characteristic of all radioactive transformations that 
changes take place in the atomic nucleus. Both the oc-particles 
(He 4 ' 4 ') and the /3-particles (electrons) emitted come from the 
nucleus (see pp. 249, 253). 

The charge on the nucleus thus suffers a permanent change in an 
a- or ^-disintegration. This does not apply to the total charge on 
the atom , which depends not only on the nuclear charge, hut also 
on the number of outer electrons. This last number can change 
fairly easily, e.g ., in the ionisation of gases and the discharge of 
gaseous ions. Thus immediately after the emission of an a-particle 
from the nucleus of a neutral radium atom (Ra), the product will 
be a radon atom with two negative charges (Rd = ). This ion can 
only become a neutral radon atom by losing two electrons, which 
takes place readily. If the radium is present in a salt, i.e., as the 
ion Ra ++ , it will be neutral as a whole after emitting an a-particle, 
so that in this case neutral radon atoms are formed directly without 
the loss or gain of outer electrons. 

The earth is believed to be at least 2,000 million years old. 
Since radium is almost completely transformed to other elements 
‘ in a much shorter period, it would have disappeared completely 
from the earth if fresh radium were not continually formed to 
replace that which has disappeared. It has been found that 
uranium is the parent substance of radium, thus explaining why 
radium is found chiefly in uranium ores. Uranium disintegrates 
about a million times more slowly than radium. It takes about 
5,000 million years before one-half of a uranium preparation has 
changed to radium. 

The following table gives a list of the consecutive stages in the 
radioactive disintegration of uranium. Radium is the most impor¬ 
tant intermediate product, and the series ends with radium 0 , 
which resembles lead. 

The first column of the table gives the names of the consecutive 
products of disintegration. The second column gives the kind of 
radiation emitted when the substance in question disintegrates 
(y-rays-not being taken into account). Column 3 gives the atomic 
weight of the element to the nearest whole number. The atomic 
weight decreases by four units every time an a-particle is emitted, 
and remains unchanged in all /3-particle disintegrations. The fourth 
column gives the time of half-life of the substance, i.e. 9 the time 
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The Uranium-radium Family 


Name. 

Radia¬ 

tion. 

Atomic 

•weight. 

Time of 
half-change. 

Atomic 

number. 

Group. 

Isotope. 

Uranium I . 

a 

238 

5 x 10 9 years 

92 

6 

Uranium 

Uranium X t 

J3 

234 

24*6 days 

90 

4 

Thorium 

UraniuimX 2 

P 

234 

1-15 mins. 

91 

5 


Uranium II 

a 

234 

2 X 10 6 years 

92 

6 

Uranium 

Ionium 

a 

230 

7 x 10 4 years 

90 

4 

Thorium 

Radium 

a 

226 

1,690 years 

88 

2 


Radon 

a 

222 

3*85 days 

86 

8 


Radium A . 

a 

218 

3*0 mins. 

84 

6 

Polonium 

Radium B . 

p 

214 

26-8 mins. 

82 

4 

Lead 

Radium C . 

p 

214 

19*5 mins. 

83 

0 

Bismuth 

Radium C 1 . 

a 

214 

10~ 6 secs. 

84 

6 

Polonium 

Radium D . 

p 

210 

16*5 years 

82 

4 

Lead 

Radium E . 

P 

210 

5-0 days 

83 

5 

Bismuth 

Radium F . 
(Polonium) 

a 

210 

136 days 

84 

6 


Radium G . 


206 

“ 

82 

4 

Lead 


which elapses before one-half of the substance is transformed. 
The three last columns give information about the position of the 
elements in the periodic table, and will be dealt with later. 

Besides the family of radioactive elements having uranium as their 
parent substance, there is another family of strongly radioactive 
substances descending from thorium . The most important member 
of this family is mesothorium, which is used in the same way as radium, 
but which differs from radium in being almost completely decomposed 
in about six years. 

Radium was discovered and isolated by Madame Curie . The 
disintegration hypothesis is chiefly due to Rutherford. 


44. REVIEW OF THE CALCIUM GROUP 
This group comprises the following light metals :— 

Magnesium Calcium (Strontium) Barium Radium 
Mg = 24-32 Ca = 40-08 (Sr = 87-63) Ba = 137-36 Ra = 225-97 

These metals are divalent. Like the alkali metals, they have a 
considerable tendency to lose electrons and form positive ions, 
but they are attacked less violently by air and water. A number 
of their compounds are sparingly soluble in water, e.g., the normal 
carbonates , normal phosphates and silicates. The solubility of the 
hydroxides increases with increasing atomic weight of the metal: 
Mg(OH) 3 is very sparingly soluble, Ba(OH) g fairly soluble, The 
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solubility of the sulphates decreases in the same order : MgS0 4 is 
readily soluble, but EaS0 4 and BaS0 4 are practically insoluble. 

THE ALUMINIUM GROUP 

This group comprises the light trivalent metals, of which only 
aluminium itself will be described here. 

45. ALUMINIUM (A1 = 26*97) 

Occurrence. Aluminium follows oxygen and silicon as the third 
most abundant element in the earth’s crust. 

Relative Abundance of Elements in the Earth's Grust. It is estimated 
that the solid crust of the earth contains the following percentages 
(by weight) of the most important elements :— 

Oxygen . 50% Calcium . 3-5% Hydrogen 0*9% 

Silicon . 25% Magnesium 2*5% Carbon 0*2% 

Aluminium. 7% Sodium . 2*3% Sulphur 0*04% 

Iron . 5% Potassium . 2*2% Nitrogen 0*02% 

All the other elements together only constitute about 1% of the whole. 

Aluminium occurs naturally chiefly as the silicate (in felspar, 
mica, kaolin, clay , etc.). Aluminium hydroxide is also sometimes 
met with. Aluminium oxide occurs locally (ruby, sapphire, emery) 
and also aluminium fluoride (in the mineral cryolite, 3NaF. A1E 3 , 
found in Greenland). 

Aluminium in the free state is a light white metal possessing 
considerable mechanical strength (density 2*7). Methods for 
preparing it cheaply have been recently developed, and it is in¬ 
creasingly used for kitchen utensils and articles which have to be 
simultaneously strong and light. Many light alloys having excellent 
mechanical properties have aluminium as their chief constituent. 
It is prepared by the electrolysis of aluminium oxide dissolved in a 
bath of molten cryolite. 

Aluminium is attacked very little in air, and does not decompose 
water. It must not, however, be concluded from this behaviour 
that aluminium has a small affinity for oxygen, since the reverse is 
actually the case. If aluminium powder is ignited by heating very 
strongly it burns fiercely with the evolution of a large amount of 
heat, giving aluminium oxide (A1 2 0 3 ), and if a small quantity of a 
suitable catalyst (e.g., mercury or one of its compounds) is added, 
it is rapidly attacked by air or water at ordinary temperatures, 

2A1 + 6H 2 0 2A1(0H) 3 + 3H 2 . 

Hydrogen is occasionally prepared by allowing water containing 
mercuric chloride to act on aluminium powder. Salt water attacks 
aluminium more readily than fresh water. 
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Aluminium dissolves rapidly in dilute hydrochloric acid and 
sulphuric acid, evolving hydrogen and forming aluminium ions 
(i.e., aluminium salts), 

2A1 + 6H+ -> 2A1+++ + 3H 2 . 

It is, on the other hand, difficult to dissolve aluminium in nitric 
acid, which is usually the best acid for dissolving metals. This 
unexpected passivity towards nitric acid is probably due to a very 
thin layer of oxide formed by the oxidising action of the nitric 
acid, which protects the metal against further attack by the acid. 

Aluminium differs from most metals in being dissolved by a 
solution of sodium hydroxide. Hydrogen is evolved and a solution 
of sodium aluminate , Na + . A1(0H) 2 0~ is formed. This substance 
is a salt derived from aluminium hydroxide, which can act as an 
acid. The ionic reactions involved in its formation are 

2A1 + 6H 2 0 2A1(0H) 3 + 3H 2 

2A1(0H) 3 + OH- 2A1(0H) 2 0~ 2H 2 0 

giving as the net reaction 

2A1 + 4H 2 0 + 20H- ■ - 2A1(0H) 2 0“ 

It will be seen that the hydroxyl ion is the active species. Owing 
to hydrolysis, sodium carbonate solutions contain enough hydroxyl 
ions to have a corroding effect upon aluminium, and soda should 
therefore not be used for cleaning aluminium articles. 

An interesting use of aluminium is in the thermite mixture, which 
consists of a mixture of aluminium powder and iron oxide. This 
mixture can be ignited by applying strong heat locally (by the 
mixture 2A1 + 3Ba0 2 ), and evolves very large amounts of heat, 
giving a molten mass of white-hot iron covered by a molten slag of 
aluminium oxide, 

2A1 -{- Fe 2 0 3 —>* 2Fe -f~ AI2O3. 

The molten iron thus formed can be used for welding together iron 
objects such as tram rails. 

The aluminium ion, Al +++ , is a trivalent colourless ion. In 
aqueous solution it is hydrated to the hexa-aquocduminium ion , 
Al(H 2 0) 6 +++ , the six water molecules being very firmly bound. 
The large evolution of heat observed when anhydrous aluminium 
chloride is dissolved in water 

AICI3 6H 2 0 • - Al(H t O) ( +++ 301- 

gives a good idea of the affinity with which the aluminium ion 
combines with water molecules. Aluminium salts usually exhibit 
an acid reaction in solution : this is because the hexa-aquoaluminium 
ion is an acid of about the same strength as acetic (see p. 115). It 
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can lose four hydrogen ions altogether, the final product being a 
hydrated aluminate ion, 

AI(H 2 0) 6 +++ -> A1(0H) 4 (H 2 0) 2 ~ + 4H 3 0+. 

(A1(0H) 2 0- . 3H 2 0) 

The extent to which the hydrogen ions are split of depends on the 
pH of the solution. The aluminate ion is sometimes written in the 
completely dehydrated form A10 2 ~\ 

In the course of analysis aluminium is usually precipitated as 
aluminium phosphate by adding sodium phosphate (Na 2 HP0 4 ) to a 
solution conta inin g both acetic acid and sodium acetate, 

A1+++ + HP0 4 = + CH 3 COO- -> A1P0 4 + CHgCOOH. 

acetate acetic acid 

ion 

The more acid the solution, the less complete this precipitation 
will be, since the more hydrogen ions there are present, the more 
phosphate ions (P0 4 s ) will combine with them to give hydrogen 
phosphate ions (HP0 4 == ), dihydrogen phosphate ions (H 2 P0 4 “) and 
undissociated phosphoric acid (H 3 P0 4 ), and the more aluminium 
ions will be able to be present in solution without the solubility 
product of aluminium phosphate being exceeded. As long as the 
solution does not contain more hydrogen ions than are present in 
a mixture of sodium acetate and acetic acid (pH = 4-5), the pre¬ 
cipitation will be practically complete, even although most of the 
phosphate is present as H 2 P0 4 “ at this pH. If, on the other hand, 
the solution contains free hydrochloric acid, the precipitation will 
not take place at all. 

Aluminium chloride, A1C1 3 , is in the anhydrous state a white 
solid which can be readily sublimed (its vapour pressure is 1 atmo¬ 
sphere at 183°). Anhydrous aluminium chloride is prepared by 
passing chlorine over the heated metal, and is an important catalyst 
in organic chemistry, both in the laboratory and industrially. It 
dissolves in water with the evolution of a large amount of heat 
(see above). On evaporating the solution down a hydrate 
AlClg. 6H 2 0 is obtained, which is more correctly written 
A1(H 2 0) 6 +++ . 3C1“. On attempting to dehydrate this salt by 
heating, hydrogen chloride is given off as well as water, leaving 
aluminium oxide or hydroxide. This shows the readiness with 
which the hexa-aquoaluminium ion behaves as an acid and loses 
hydrogen ions. 

Aluminium oxide, A1 2 0 3 (common name alumina ), is a colourless 
and very hard solid which is insoluble in water. It is the chief 
constituent of the precious stones ruby (red) and sapphire (blue). 
Emery , used for grindstones and emery paper, is an impure natural 
form of alumina. 
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Aluminium hydroxide has a very variable composition, as the 
normal hydroxide Al(OH ) 3 readily loses water to give intermediate 
forms between the oxide and the normal hydroxide. On ignition 
it gives aluminium oxide. In contrast to the hydroxides of the 
other light metals, aluminium hydroxide is quite insoluble in 
water and is a very weak base : it is quite unable to impart an 
alkaline reaction to water by giving up hydroxyl ions or removing 
hydrogen ions. It is obtained as a white, flocculent, voluminous 
precipitate by adding a base ( e.g ., ammonia) to an aqueous solution 
of an aluminium salt. With a strong base like sodium hydroxide 
the reaction is 

A1+++ + 30H- -> A1(0H) 3 , 

while with ammonia the equation is more correctly written 
A1(H 2 0) 6 +++ + 3 NH 3 -> A1(0H ) 3 + 3NH 4 + 3H 2 0. 

If a strong base (e.g., NaOH, Ba(OH) 2 ) is used, the precipitate will 
dissolve in an excess of the reagent, forming aluminate ions , 

A1(0H ) 3 + OH- A1(0H) 2 0“ + H 2 0. 

This shows that aluminium hydroxide has not only basic properties 
(i.e. 9 can combine with hydrogen ions), but also acid properties 
(i.e. 9 can lose hydrogen ions). It is thus an amphoteric hydroxide 
or ampholyte (see p. 110). A solution of ammonia is too weakly 
basic to be able to form ammonium aluminate by taking a hydrogen 
ion from aluminium hydroxide. 

A number of well-crystallised double oxides containing aluminium 
are found as minerals, and are best considered as dehydrated metallic 
aluminates, e.g., spinel , MgO, A1 2 0 3 = Mg(A10 2 ) 2 . 

The acidic properties of aluminium hydroxide are very reminiscent 
of those of silicic acid. Both substances are very weak acids and 
will form salts with strong bases like sodium hydroxide, but not 
with ammonia. There are also other points of resemblance, e.g., 
both substances form colloidal solutions and are usually precipitated 
in an amorphous colloidal form with a variable water content. 

Aluminium sulphate, A1 2 (S0 4 ) 3 , is a white soluble salt which 
crystallises from aqueous solutions with a large amount of water 
of crystallisation (A1 2 (S0 4 ) 3 .18H 2 0). It is prepared from native 
aluminium hydroxide by dissolving in sulphuric acid and crystallis- 
ing by evaporation, or alternatively from kaolin which has been 
gently ignited by decomposing with dilute sulphuric acid, filtering 
off the silicic acid, and evaporating down. 

Alum is the double salt K 2 S0 4 . A1 2 (S0 4 ) 3 .24H 2 0, or 
KA1(S0 4 ) 2 . 12H 2 0. It is less soluble than aluminium sulphate and 
crystallises better, and is therefore often used in place of the simple 
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salt. Alum is not a complex salt, but contains tbe simple ions 
K+ A1+-H- and S0 4 ~ 

Aluminium Acetate. A solution of this salt is prepared by mixing 
solutions of aluminium sulphate and lead acetate and filtering off the 
precipitated lead sulphate, 

A 1 2 (S 0 4 ) 3 + 3Pb(CH 3 COO ) 2 —> 3PbS0 4 + 2Al(CH 3 COO) 3 . 

Aluminium acetate is largely split up in aqueous solution : the basic 
acetate ion takes up hydrogen ions to a considerable extent from the 
acidic hexa-aquoaluminium ion, 

A1(H 2 0) 6 +++ + CH 3 C00-^A1(0H)(H 2 0) 5 ++ 4- CH 3 COOH. 

If the solution is boiled, this reaction goes so far that a precipitate of 
aluminium hydroxide (containing acetate) is formed, 

A1(H 2 0) 6 +++ + 3CH 3 COO~ —> Al(OH ) 3 4 - 3CH 3 COOH 4“ 3H a O. 

When cotton material is dyed it is often first impregnated (“mor¬ 
danted”) with aluminium hydroxide by dipping it in a solution of 
aluminium acetate and then warming it. The aluminium hydroxide 
which separates out serves to hold the dye firmly on to the material so 
that it cannot be washed out. 

Aluminium silicate is an essential component of the double 
silicates which constitute the greater part of the earth’s crust (e.g., 
felspar and mica). These minerals are best considered as the sodium, 
potassium, magnesium or calcium salts of complex aluminosilicic 
acids. In this connection it may be noted that the aluminium ion 
forms complex compounds not only with silicic acid, but also with 
many other acids, e.g ., oxalic acid. In a solution containing alumi¬ 
nium salts in the presence of a large amount of oxalic acid the 
aluminium ions are so firmly bound in the complex anions A1(C 2 0 4 ) 3 S 
that they are not precipitated by phosphates in acetic acid solution. 

When felspar is broken down by the action of water containing 
acid, 'kaolin is formed, a hydrated aluminium silicate (A1 2 0 3 .2Si0 2 . 
2H 2 0). Kaolin is found pure in white china clay, and mixed with 
other products of weathering (aluminium silicates containing alkali 
metals or calcium) in ordinary clay. Clay also frequently contains 
calcium carbonate and is coloured by the presence of small amounts 
of iron compounds. 

The properties and uses of clay have been previously described 
(p. 197). 

Ultramarine is a commonly used blue insoluble colouring matter 
which is prepared by igniting a mixture of clay, soda and a little 
sulphur. It is quite stable to alkaline substances like soap and soda, 
but is decomposed even by weak acids with the evolution of hydrogen 
sulphide. It is used as a pigment in paints, and for obtaining a white 
appearance in washing, paper and sugar : its blue colour appears to 
neutralise the yellowish colour of the impurities present. 
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Cation-exchanging Substances. The weathering of silicates 
like felspar and mica leads to the formation of hydrated double 
silicates, which occur in varying quantities in clay. Like the 
minerals from which they are formed, they are insoluble in water, 
but they possess a special property: they are able to exchange 
the metallic ion which they contain (in addition to aluminium) 
with other metallic ions. This phenomenon is known as cation 
exchange (the earlier and less descriptive term was “ base exchange ”). 
If for example the double silicate contains sodium, hardly any of 
this is given up on treating with water, but on treating with solutions 
of potassium salts they will lose sodium ions and take up an equiva¬ 
lent amount of potassium ions. Conversely, aluminium silicates 
of this kind containing potassium will lose potassium ions and take 
up sodium ions when treated with sodium salts. The cation 
exchanges are thus reversible. The position of chemical equilibrium 
is usually such that potassium ions are preferentially taken up. 
This fact explains why clay soils are able to bind potassium ions 
(which are very important for plant life) so that they are not washed 
out appreciably by rain, but are given up when the plants have 
used up the few potassium ions present in solution. The clay thus 
acts as a kind of reservoir for potassium ions. 

Permutite is an artificial sodium aluminium silicate which under¬ 
goes cation exchange very readily. It is extensively used nowadays 
for softening hard water. If hard water containing calcium ions 
is passed through a layer of permutite the following reaction takes 
place, 

Ca ++ + sodium permutite —> 2Na + + calcium permutite. 

The water thus loses all its calcium ions and becomes soft. After 
using for some time the permutite will have taken up so much 
calcium ion that it will no longer work satisfactorily. It is then 
regenerated by treatment with a concentrated solution of sodium 
chloride : the calcium ions are replaced by sodium ions and the 
permutite can be used again as before. 

The cation-exchanging aluminium silicates may be imagined as 
consisting of very large porous skeletons of aluminium silicate 
with a number of free negative charges (i.e., as giant alumino¬ 
silicate anions). On account of these charges the ions will bind on 
their surface and in their pores a sufficient number of cations to 
neutralise the negative charge. These cations are only electro¬ 
statically combined and can easily be exchanged for other cations, 
as they can move to and from the surface and in and out of the pores, 
provided electroneutrality is maintained. 
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REVIEW OP THE ALUMINIUM SALTS 

The aluminium salts are colourless and mostly soluble in water 
(the phosphate, silicate, oxide and hydroxide are insoluble). They 
crystallise from aqueous solution with water of crystallisation , and 
their aqueous solutions have an acid reaction on account of hydro¬ 
lysis. 

In contrast to most other light metals, aluminium forms a number 
of complex compounds in which the metal is not present as an ion. 
The naturally occurring double silicates of aluminium must be 
considered as the salts of complex aluminosilicic acids. The 
aluminates, which are formed by dissolving aluminium hydroxide 
in alkalies, are also complex compounds, as they contain the alumi¬ 
nium in the acid radical and not as aluminium ion. 

THE PERIODIC SYSTEM 

If the elements are arranged in order of their atomic weights, 
interesting periodic regularities appear. This is illustrated by the 
following list of the sixteen elements having atomic weights between 
7 and 40. 

Lithium. Beryllium. Boron. Carbon. Nitrogen. Oxygen. Pluorine. Neon 

6-940 9-02 10-82 12-00 14-008 16-0000 19-00 20-183 

Sodium. Magnesium. Aluminium. Silicon. Phosphorus. Sulphur. Chlorine. Argon 

22*997 24*32 26*97 28*06 31*02 32*06 35*457 39*944 

First we have lithium, which is monovalent, then beryllium, 
which belongs to the calcium group and is divalent, then trivalent 
boron, tetravalent carbon, nitrogen which is trivalent towards 
hydrogen and pentavalent towards oxygen, oxygen which is 
divalent to hydrogen, fluorine which is monovalent to hydrogen, 
and finally neon, which has zero valency. It is thus seen that 
the valency increases steadily from lithium to carbon, after which 
the valency towards hydrogen decreases from carbon to neon, 
while the valency towards oxygen (if any oxygen compounds are 
formed) continues to increase. All the eight elements from lithium 
to neon are very different and belong to different groups of elements. 
If, however, the series is continued, it is found that the next eight 
elements form a period corresponding exactly with the period from 
lithium to neon. After neon we have monovalent sodium, divalent 
magnesium, trivalent aluminium, tetravalent silicon, phosphorus 
which is trivalent to hydrogen and pentavalent to oxygen, sulphur 
which is divalent to hydrogen and hexavalent to oxygen, chlorine 
which is monovalent to hydrogen and heptavalent to oxygen, 
and finally argon with zero valency. The similarity between the 
two periods appears not only in the valency, but in the chemical 
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properties of the substances in general. The only pair which do 
not show a very close resemblance is boron and aluminium, but 
even in this case there are analogies between them; e.g the 
aluminates correspond to the borates. The arrangement of the 
elements in order of atomic weight in such a way as to reveal the 
periodic regularities present is termed the periodic system. One 
way of presenting this system is shown in the table below. 

Before the two periods mentioned above with eight elements in each 
we have a period containing only two elements, hydrogen and helium. 
On continuing from argon to elements with higher atomic weight the 
periods become longer. Thus besides eight elements corresponding 
to the elements in the two preceding periods, the fourth period contains 
ten heavy metals, to which there are no corresponding members in the 
first two periods. These ten metals occur in the middle of the fourth 
period, and if they are omitted the remainder of the period corresponds 
completely to the second and third periods. The fifth period is com¬ 
pletely similar to the fourth. The sixth is, however, again larger than 
the fourth and fifth, as it contains fourteen rare metals (the so-called rare 
earth metals) to which there are no analogues in the preceding periods. 

All the elements in the same horizontal line in the table belong to the 
same group. We first have the eight main groups corresponding to the 
eight elements in the first or second period. The first group contains the 
monovalent alkali metals, the second group the divalent alkaline earth 
metals (calcium, etc.), the third group the trivalent light metals 
(aluminium, etc.): the fourth group is the tetravalent carbon group, 
the fifth group the pentavalent nitrogen group, the sixth group contains 
the non-metals of the sulphur group with valencies up to six, the 
seventh group contains the halogens with valencies up to seven, and 
the eighth group is formed by the inert gases. 

The heavy metals which appear in the fourth, fifth and sixth group 
can be conveniently arranged into eight sub-groups. Their valencies 
show various resemblances to those of the main groups, and they are 
therefore numbered in the same way, each sub-group being connected 
to the appropriate main group by dotted lines in the diagram. The 
eighth sub-group contains three elements in each period (the so-called 
transition elements). 

Vacant Places, There are no vacant places in the first five periods, 
but there are two elements missing in the sixth period, and only a few 
members of the seventh period are known. It is presumed that the 
vacant places correspond to elements which exist but have not yet 
been discovered. When Mendelejeff first constructed a periodic system 
there were also several vacant places in the fourth period, since gallium 
(Ga) and germanium (Ge) were not known at that time. On the basis 
of his system he concluded that elements must exist to fill these places. 
For example, he predicted the existence of an element of atomic weight 
72*9 and valency 4, having properties between those of silicon and those 
of tin ; e.g., it should form a liquid chloride of the type BC1 4 boiling a 
little below 100°. When germanium was subsequently discovered it 
was found to be the element predicted by Mendelejeff. Its atomic 
weight is 72*5, it is tetravalent, is intermediate between silicon and 
tin in its properties, and forms a liquid chloride GeCl 4 boiling at 86°. 
Mendelejeff’s predictions were thus excellently fulfilled. 
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The periodic system is not quite free from irregularities. Thus to 
preserve the form of the table it is necessary to put argon (atomic 
weight 39*944) before potassium (atomic weight 39*10). In the same 
way it is necessary to interchange cobalt and nickel and also iodine and 
tellurium. 


THE STRUCTURE OF ATOMS 

The atomic weights of a large proportion of the elements are 
nearly whole numbers. This led Prout , at the beginning of last 
century (1815), to propose the hypothesis that all atoms were built 
up from hydrogen atoms. Since, however, it was eventually found 
that atomic weights are never exact multiples of the atomic weight 
of hydrogen, Prout’s hypothesis did not gain support. 

The construction of the periodic table in the middle of the 
nineteenth century again directed attention to the idea that atoms 
were composite systems, but it was not until the present century 
that any insight was obtained into the structure of atoms, especially 
by investigations of radioactive substances. 

Rutherford’s Atom Model. As previously stated (p. 92), each 
atom consists of a small heavy nucleus with a positive electric 
charge surrounded by negative electrons. Practically all the mass 
of an atom is collected in the nucleus, and the number of units of 
charge on the nucleus {the nuclear charge) is approximately equal to 
one-half the atomic weight (usually rather less). The volume of 
the atoms is determined by the size of the outer electronic system, 
which has a diameter of the order of 10“ 8 cm. (1 Angstrom unit). 
The diameter of an atomic nucleus is about ten thousand times 
smaller (about 10~ 12 cm.) and the diameter of an electron still 
smaller (about 10~ 13 cm.). Atoms are thus built up of particles 
which only occupy an extremely small fraction of the total volume 
of the atom. As long as an element continues to exist, its atomic 
nuclei remain entirely unchanged, but its electronic system can 
undergo considerable alterations. If the number of electrons is just 
great enough for their charge to neutralise the nuclear charge, then 
the atom is neutral, while if the number of electrons is greater or less 
than this number, we have a negative or a positive ion respectively. 

Rutherford arrived at this model by means of experiments 
on the passage of a-rays from radioactive substances through 
thin sheets of metal (see p. 236). The particles in these rays 
consist of helium ions with a double positive charge (He ++ ). 
The majority of these particles pass through the electronic 
systems of thousands of atoms before coming to rest, and are 
gradually slowed down, ionising the atoms through which they pass. 
On account of the very small mass of the electrons, these a-particles 
undergo very little change of direction. Only the very few a-particles 
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which pass very near to a nucleus (or actually collide with it) will 
be deviated through a large angle, or even turned back. By counting 
the number of a-particles suffering large deviations it has proved 
possible to determine the magnitude of the positive nuclear charge. 

The hydrogen nucleus is found to have 1 unit of charge, so that 
the unhydrated hydrogen ion (H + ) is thus a bare hydrogen nucleus, 
a ' proton . The helium nucleus has 2 charges, and the a-particle 
(He ++ ) is thus a bare helium nucleus. The lithium nucleus 'has 
3 charges, the beryllium nucleus 4, the boron nucleus 5, the carbon 
nucleus 6, and so on. The nuclear charge generally increases with 
increasing atomic weight, and the nuclear charge is always equal to 
the number of the element in the 'periodic system (the atomic number). 
The reason that argon comes before potassium in the periodic system 
in spite of its higher atomic weight is that its nuclear charge (18) is 
smaller than that of potassium (19). 

Bohr’s Theory of the Atom. The charge on the atomic nucleus 
(the atomic number) determines not only the number of electrons 
in the atom, but also the structure of the electron system, and 
thereby most of the physical and chemical properties of the atom. 
It is especially the outermost and most loosely bound electrons 
which determine the physical and chemical properties of the element. 

The electrons are arranged in groups. Groups of 2, 8, 18 and 32 
electrons appear especially often, and obviously have a specially 
high stability. This is shown clearly by the special position occu¬ 
pied by the rare gases : the atoms of these elements are built up 
from closed groups or shells of electrons according to the following 
scheme :— 

He : 2. Ne : 2, 8. A : 2, 8, 8. Kr : 2, 8, 18, 8. 

Xe : 2, 8, 18, 18, 8. Bn : 2, 8, 18, 32, 18, 8. 

The atoms of these gases show no tendency to combine either with 
one another or with other atoms. The atoms of all other elements 
show a great tendency to form molecules by the combination of 
several atoms, either of the same or of different kinds. This appears 
clearly from a consideration of the first three elements in the 
periodic table. The hydrogen atom, which contains one electron, 
is only formed with difficulty from the molecule H 2 , and when 
formed exhibits a very great reactivity, e.p., it will effect reductions 
which are not brought about by the molecule H 2 . The lithium 
atom, containing three electrons, has the well-known reactivity 
characteristic of the alkali metals. Between these two elements 
comes helium with two electrons, giving atoms which are completely 
stable and non-reactive. It must therefore be supposed that the 
two electrons in helium form a very stable closed group of electrons, 
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while the hydrogen atom has one electron too few and the lithium 
atom one electron too many for complete stability. The non-reac¬ 
tive nature of the other rare gases must be similarly interpreted as 
showing the presence of stable closed electron configurations. 

In the periodic system each rare gas is followed by an alkali 
metal (He-Li, Ne-Na, A-K, etc.). The atom of each alkali metal 
thus contains one more electron than the preceding rare gas. This 
extra electron cannot be included in the closed group already pre¬ 
sent, and must thus be loosely bound . This explains the marked 
tendency of these elements to form monovalent positive ions 
(Li + , hJa + , K + , etc.) and to exhibit a valency of one in their com¬ 
pounds (see p. 92). Each alkali metal in the periodic system is 
followed by a metal of the calcium group (Li-Be, Na-Mg, K-Ca, 
etc.). These alkaline earth metals must therefore contain two 
loosely bound electrons , thus explaining their tendency to form 
divalent cations (Mg ++ , Ca ++ ). In the same way, aluminium 
follows magnesium and must contain three loosely bound electrons, 
agreeing well with the triple charge of the ion Al +++ . 

In the periodic system each rare gas (with the exception of He) 
is preceded by a halogen. The free atom of a halogen therefore 
needs one more electron to make up the stable electron configuration 
of the rare gas. This explains the tendency of the halogen atoms 
to take up one electron and form ions with one negative charge 
(F”, Cl”, Br~, I”). The atoms of oxygen and sulphur, which precede 
fluorine and chlorine respectively, each need two electrons to convert 
their outermost electron group into a closed group, and thus form 
divalent anions (0 = , S“). The five ions 0 = , F~, JSTa***, Mg ++ , Al^^ 
thus all have the same stable electron configuration as neon (2, 8) : 
similarly, the ions S 38 , Cl", K+, Ca ++ all possess the same closed 
system as argon (2, 8, 8). The halogens show a maximum valency 
towards oxygen of 7, e.g., in perchloric acid HC10 4 . This is con¬ 
nected with the presence of 7 outer electrons, which are not sufficient 
to form a closed group and hence can take part in chemical combina¬ 
tion. In the same way, sulphur has 6 free outer electrons and can 
be 6-valent towards oxygen, e.g., in sulphuric acid. 

The formation of ions from neutral atoms may be exemplified by 
the formation of the salt FTa + . Cl" from the atoms Na and Cl. This 
may be illustrated by an equation in which each electron in the 
outermost shell is represented by a dot, 

■Cl [:&:]*+[=?=]■ 

All cases of salt formation from neutral atoms can be illustrated 
in a similar way. In general, the tendency of atoms to pass into a 
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structure of the inert gas type explains why the elements which are 
close to inert gases in the periodic table are not stable as free 
neutral atoms, but exist almost exclusively in the charged state as 
ions. It should also be noted that the same tendency to assume 
an inert gas structure is also of importance for explaining the 
formation of non-ionic molecules (see p. 272). 

The behaviour of electrons in atoms cannot be accounted for by 
the ordinary laws of mechanics or electricity. It has, however, 
recently proved possible to develop a new kind of mechanics, the 
so-called quantum mechanics, which is successful in describing the 
behaviour of electrons. In the case of large bodies, quantum 
mechanics leads to the same results as classical mechanics. It is 
only when dealing with phenomena involving single atoms or 
electrons that it is necessary to employ quantum mechanics. 

With the help of quantum mechanics it has proved possible to 
account for a large number of the physical and chemical properties 
of atoms, and to develop definite views as to the structure of the 
electron systems. The theory has been especially successful in 
deriving very interesting relations between the optical spectra of 
atoms and their physical and chemical properties. In the case 
of single atoms (systems with one atomic nucleus) the theory has 
already accomplished a great deal, but for polyatomic molecules 
(systems with several atomic nuclei) the subject is still in its infancy. 

Isotopes. The unique importance of the magnitude of the 
nuclear charge in determining the physical and chemical properties 
of atoms is shown especially clearly by the existence of so-called 
isotopic dements. Among the disintegration products of radio¬ 
active substances several elements have been found having physical 
and chemical properties identical with those of ordinary lead, but 
a different atomic weight (e.g., RaB, RaD, RaG: see p. 239). 
These elements resemble lead so closely that no method of fractiona¬ 
tion has been discovered which will separate them from lead. All 
these elements (including lead) have a nuclear charge of 82. Such 
a set of elements having the same nuclear charge must all occupy 
the same position in the periodic system, and are therefore called 
isotopes (isos = the same, topos = place). 

Recent investigations have shown that most elements are mixed 
elements, consisting of a mixture of two or more different isotopes. 
Thus chlorine consists of about 75% of Cl 35 ( i.e a chlorine isotope 
having the atomic weight 35), about 25% Cl 37 , and a very small 
amount of Cl 39 . These proportions are always exactly the same, 
so that chlorine has a constant atomic weight of 35*46. Magnesium 
is a mixture of Mg 24 , Mg 25 and Mg 26 . Oxygen consists chiefly of O 16 , 
but contains about 0*1% of O 18 and about 0*02% of O 17 . Hydrogen 
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is chiefly H 1 , with about 0*02% H 2 (deuterium). Mercury is a 
mixture of Hg 196 , Hg 198 , Hg 199 , Hg 200 , Hg 201 , Hg 202 and Hg 204 . 

It is only in certain special physical investigations (e.g.> mass- 
spectroscopy and measurements of band spectra) that it is usually 
possible to detect the presence of different species of atoms in mixed 
elements. It is only in a very few cases that it has proved possible 
to fractionate the mixed elements into single isotopes. The isotopes 
of neon and of hydrogen have quite recently been prepared in a 
pure state, and in a few other cases (e.g. } mercury, oxygen) a very 
incomplete separation into lighter and heavier atoms has been 
effected. With the possible exception of hydrogen, no fractionation 
has ever been observed in nature. This fact serves to indicate 
how nearly identical isotopic elements must be in freezing point, 
boiling point, solubility and chemical affinity. If two atomic 
nuclei have equal charges, any other differences between them 
lead to very few observable differences (apart from differences in 
the stability of the nuclei of radioactive elements). Only in the 
case of the hydrogen isotopes are any appreciable differences observ¬ 
able in ordinary physical and chemical properties, and even in this 
case the differences between the two isotopes are small. 

Whole-number Atomic Weights. When it is realised that most 
elements are actually mixtures composed of several different 
atomic species (isotopes), it becomes necessary to distinguish between 
the atomic weights determined by chemists for the mixed elements 
and the atomic weights determined by the physicists for the single 
atomic species. The chemist’s atomic weights are often called 
practical atomic weights , to distinguish them from the others. It 
has been previously noted (p. 29) that the practical atomic weights 
exhibit on the whole a tendency to be whole numbers. Now that 
the true atomic weights of the single atomic species are known, it 
appears that all cases in which the practical atomic weights deviate 
largely from whole numbers are due to the fact that the elements 
in question are mixtures of isotopes. The atomic weights of the 
pure isotopes are always very nearly whole numbers. Thus while 
the practical atomic weight of chlorine is 35*457, the atomic weights 
of the three chlorine isotopes are 35, 37 and 39. This has led to a 
revival of Prout’s old hypothesis (see p. 249), and it is now believed 
that all atomic nuclei are composed of hydrogen nuclei (protons) 
and electrons (or of neutrons—see p. 254). 

Atomic Transformations and the Structure of Nuclei. The first 
information about the structure of atomic nuclei was obtained by 
a study of radioactive changes (see p. 236). It is necessary to 
distinguish between two kinds of change, an oc-ray change, in which 
each atom emits an a-particle (He ++ ), and a /3-ray change, in which 
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each atom emits an electron. These particles come from the nucleus 
itself : this is shown by the fact that the mass and charge of the 
nucleus changes in exactly the way which would be expected on 
this assumption. After each a-ray change the mass of the nucleus 
in question decreases by 4 units, and its charge (i.e., its atomic 
number) decreases by 2. After each /5-ray change the mass of the 
nucleus (i.e., the atomic weight) is found to be practically unchanged, 
while the charge (the atomic number) increases by 1. The validity 
of this displacement law is illustrated by the table given on p. 239, 
showing the transformations of the uranium-radium family. The 
atomic nuclei of radioactive elements thus contain a-particles 
(He ++ ) and electrons. 

The stability of ordinary non-radioactive elements is due to the 
great stability of their nuclei. When an atom is ionised or combines 
with other atoms, only its system of outer electrons is altered, and 
its nucleus remains unchanged. However, no nucleus appears to 
be completely resistant to attack by sufficiently violent agents. 
By bombardment with a-particles from radioactive substances it 
has been found possible to disintegrate various nuclei with the 
expulsion of protons (H+), thus affording a direct proof of the pre¬ 
sence of hydrogen nuclei in the nuclei of these atoms. If we take 
the nitrogen nucleus N 1 * (the upper index denotes the atomic 
weight, the lower the atomic number), bombardment with a-particles 
gives besides hydrogen nuclei the nucleus of an isotope of oxygen, 

°v» 

N? + He* -> h; + oy. 

nitrogen a-particle proton nucleus of oxygen 
nucleus isotope 

In special cases ( e.g., by bombarding beryllium with a-particles) it 
is possible to cause the emission of a new kind of particle, the neutron. 
The neutron is an atomic nucleus having the same mass as a proton but 
zero electric charge, i.e., it corresponds to the atomic number zero 
and can be written n J. Neutrons have a specially great penetrating 
power and in many cases are able to disintegrate atomic nuclei, the 
neutron being captured and a proton or a-particle emitted. The new 
atomic nuclei thus formed are usually unstable and constitute artificially 
prepared radioactive elements. Thus by bombarding sulphur with 
neutrons a radioactive isotope of phosphorus is obtained according to 
the equation 

sit + ni^-pit +ni. 

The transformations so far described have been either disintegrations 
of radioactive substances or disintegrations caused by the a-particles 
from radioactive substances. Quite recently (1932) it was discovered 
that various light atomic nuclei can be transformed without the use of 
radioactive substances. This was brought about by bombarding with 
protons (H+) which had been accelerated to very high velocities in 
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strong electric fields. Thus by bombarding lithium with a proton 
beam of this kind it is converted into helium, 

Li l + Hi - 

lithium proton a-particle 

nucleus 

Boron also gives helium (and possibly also carbon), 

B^ 1 4* 3Hef (possibly also 1 

boron proton a-particle carbon 

nucleus nucleus 

It should however be emphasised that the yield obtained in all these 
artificial transmutations is very small indeed. The beams of a-particles 
and protons are very expensive to produce, and only about one particle 
in every hundred thousand strikes the* nuclei in such a way as to effect 
a disintegration. There is thus no prospect that transmutations of 
this kind will be carried out on a sufficiently large scale to be available 
as preparative methods in the near future. 

It is now believed that all atomic nuclei are built up from protons, 
neutrons and electrons. These three kinds of particles most probably 
belong to the primary units of which all matter is built up. (The very 
firmly bound electrons in the nucleus are not to be confused with 
the relatively loosely bound electrons in the system surrounding the 
nucleus.) The helium nucleus HeJ is composed of 4H+ -ff 2*~ (e~ = 
electron). The boron nucleus B^ 1 is 11H+ -{- 6e~, the oxygen nucleus 
O 1 / is 16H+ + 8e“, the gold nucleus Au 1 // 197H+ 4- 118e-, etc. Most 
of the protons in the nucleus are probably combined with electrons to 
form a-particles (4H+ 4“ = 1 a-particle) or neutrons. 

There are small discrepancies between the atomic weights calculated 
from the composition of the nucleus and the values found experi¬ 
mentally. These discrepancies may be explained by the enormous 
amounts of energy set free when atomic nuclei are formed from protons 
and electrons, as energy has a finite though very small mass (9 X 10 20 ergs 
= 1 gram). 


THE ELECTROCHEMICAL SERIES 

Before treating the heavy metals in detail it is convenient to 
mention the so-called electrochemical series, since the position of 
the single metals in this series gives a good idea of many of their 
chemical properties. 

If a piece of copper is immersed in a solution of a silver salt, 
the copper will go into solution and precipitate an equivalent 
amount of silver. In the same way copper will precipitate other 
metals, e.g., mercury or gold, from their salts. On the other hand, 
it will not precipitate zinc or iron from their salts. It is possible 
to arrange the metals in a series in which each metal will precipitate 
all the metals which follow it, but none of those which precede it. 
This series is called the electrochemical series, and is reproduced in 
the following table. 
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When copper precipitates silver from a solution of silver nitrate, 
the process can be written 

Cu -f- 2AgN0 3 —> 2Ag Cu(N0 3 ) 2 , 

but is more correctly written as an ionic reaction, 

Cu + 2Ag + —2Ag + Cu ++ . 

In this reaction the silver ions take electrons from the copper 
and are precipitated as metallic silver, while the copper goes into 
solution as cupric ions. Copper thus has a greater tendency than 
silver to lose electrons and form positive ions : it is more electro¬ 
positive than silver. When zinc precipitates copper from a solution 
of a cupric salt the reaction is 

Zn + Cu+- + —> Zn++ + Cu, 

i.e ., zinc is more electropositive than copper. In general, the higher 
the position of a metal in the electrochemical series, the more 
electropositive it is. A very electropositive metal has a great 
tendency to form positive ions, and its compounds will therefore 
in general either be ionic or will readily form ions. This agrees 
with the fact that the first metals in the electrochemical series form 
almost exclusively ionic compounds, while the metals at the lower 
end of the series form chiefly complex compounds. 

Hydrogen resembles the metals in several respects. Thus it can 
lose electrons to form positive ions, and has a definite place in the 
electrochemical series just after the metals which can evolve 
hydrogen with acids. Hydrogen divides the metals in the series 
into two groups : those before it can displace hydrogen from acids, 
while those after it cannot displace hydrogen from acids, in fact 
they are themselves displaced from solutions of their salts by means 
of hydrogen. Zinc, which comes before hydrogen, will evolve 
hydrogen with dilute sulphuric acid, while copper, which comes 
after hydrogen, is precipitated from a solution of cupric sulphate 
by passing in hydrogen. (The last process only takes place readily 
in presence of a catalyst, e.g., platinum black.) When zinc evolves 
hydrogen in an acid solution the process is 

Zn + 2H + —^ H 2 + Zn ++ , 

the reason being that zinc is more electropositive than hydrogen. 
When copper is precipitated by hydrogen, the process is 

H 2 4- Cu++ Cu + 2H+, 

the reason being that hydrogen is more electropositive than copper. 
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Behaviour of metal towards 


Metal. 

Standard potential 



Properties of com¬ 


of metal. 



pounds of metal. 



Water and acids. 

Air. 


Potassium. 

- 2*92 



Compounds ionic. 

Barium 

— 
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The data given in the electrochemical series are, strictly speaking, only valid for 
solutions which are 1-molar w.r.t. the ions of the metal, but it generally makes 
very little difference if the ionic concentration is 10 or 100 times smaller. 

The Relation between the Properties of Metals and their Position 
in the Electrochemical Series. At the top of the series we have 
the alkali metals and the other light metals. These electropositive 
metals will displace all heavy metals from their salts, and they will 
evolve hydrogen not only with acids, but also with water. They 
are followed by the heavy metals, the first of which {e.g., zinc and 
iron) will evolve hydrogen with acids, while the subsequent ones 
are unable to do so. At the end of the series come the noble metals, 
which are precipitated by all the other metals. 

In general, the lower position a metal occupies in the electro¬ 
chemical series, the fewer ionic compounds and the more complex 
compounds it will form. The compounds of the alkali metals are 
all ionic, while those of the noble metals are all complex. 

The strongly electropositive metals at the top of the series form 
chemical compounds readily with the evolution of considerable 
amounts of heat, and these compounds are mostly soluble in water. 
Their hydroxides are strongly basic, and on heating they lose water 
with difficulty (if at all) to form oxides. The slightly electropositive 
metals at the bottom of the series behave in exactly the opposite 
way. They form compounds with difficulty and with small heat 
evolution, and these compounds are often insoluble in water. 
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Their hydroxides are weakly basic (or sometimes even acid) and are 
often so unstable that they lose water at ordinary temperatures 
and are converted to oxides. 

These remarks show how the position which a metal occupies in 
the electrochemical series in many ways characterises its chemical 
behaviour. Besides the direct information as to the ability of metals 
to precipitate one another and to evolve hydrogen with acids, 
important qualitative information may be obtained about a number 
of other properties. 

The Standard Potential of Metals. The name electrochemical series 
is derived from the fact that the position of the metals in this series 
can be determined by measuring the electromotive force (E.M.F.) of 
suitable galvanic cells. The so-called Daniell cell consists of a copper 
electrode dipping in cupric sulphate solution and a zinc electrode 
dipping in zinc sulphate solution. If the two solutions are allowed to 
come into contact ( e.g ., through the wall of a porous pot) we have 
the following galvanic cell, 

Zn | ZnS0 4 solution | CuS0 4 solution | Cu. 

This cell has an E.M.F. of 1*1 volts (copper positive). When the cell 
is short circuited by connecting the poles of the cell by an external 
connection, zinc goes into solution as zinc ion and an equivalent amount 
of cupric ion is deposited as copper. The electrons which are given up 
when the zinc goes into solution pass as an electric current through the 
external connection to the copper electrode, where they combine with 
cupric ions to give copper. The passage of current through the cell is 
thus necessarily accompanied by the following chemical process, 

Zn. + Cu ++ Zn++ + Cu. 

The same reaction occurs spontaneously when a zinc rod is immersed 
in a solution of a copper salt. In the cell, however, the zinc is not 
in direct contact with the cupric ions, and this process can only take 
place when a current passes simultaneously through the external 
circuit. The affinity of the process, so to speak, drives the current 
through the cell, and the electromotive force of the cell (1*1 volts) is 
therefore a measure of the chemical force with which zinc transfers 
electrons to cupric ions : zinc is IT volts higher than copper in the 
electrochemical series. 

A piece of platinised platinum immersed in a solution containing 
hydrogen ions and kept saturated with hydrogen forms a hydrogen 
electrode (see p. 105). By combining a hydrogen electrode with a 
copper electrode (in a cupric ion solution) or a zinc electrode (in a zinc 
ion solution) and measuring the E.M.F. of the cells obtained, we find 
for 

H 2 (Pt) | H 2 S0 4 solution | ZnS0 4 solution | Zn 
— 0-76 volts (Zn negative), and for 

H 2 (Pt) | H 2 S 0 4 solution | CuS0 4 solution | Cu 

4* 0-34 volts (Cu positive). Zinc is thus 0*76 volts above hydrogen in 
the electrochemical series and copper is 0*34 volts below hydrogen. 
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The electromotive force of cells depends somewhat on the concentra¬ 
tion of the ions taking part. As previously described (p. 105), the 
variation of the potential of a hydrogen electrode with concentration 
can be used for determining hydrogen ion concentrations. 

The position of a metal in the electrochemical series is usually 
specified relative to hydrogen by giving its standard electrode potential , 
Le the E.M.F. of the cell 

H 2 (Pt) 1-molar hydrogen ion 1-molar metal ion metal, 
solution solution 

taken as positive when the metal is the positive pole, and negative 
when the metal is the negative pole. The standard potentials of the 
most important metals are given in the table on p. 257. Some of them 
(e.g., those of sodium and potassium) cannot be determined directly, 
but are obtained by indirect methods. 



THE HEAVY METALS 


On the basis of the periodic table the heavy metals can be divided 
into the following groups :— 

Group, Characteristic valency. 


I. The silver group (copper, silver, gold) .... 1 

II. The zinc group (zinc, mercury).2 

III. Contains only rare metals.3 

IV. The tin group (tin, lead).4 

V. The antimony group (antimony, bismuth) . . .5 

VI. The chromium group (chromium, molybdenum, tungsten, 

uranium).6 

VII. The manganese group (manganese) . . . 7 

VIII. The iron group (iron, nickel, cobalt, platinum) . . — 


THE SILVER GROUP 

The first group of the heavy metals comprises copper, silver and 
gold. All these metals can have a valency of one, but apart from 
this fact they differ considerably from the other monovalent metals, 
the alkali metals. 


46. COPPER (Cu = 63-57) 

Occurrence. Most copper ores contain copper combined with 
sulphur. Smaller amounts of copper occur naturally as malachite, 
a green cupric carbonate containing hydroxide, which is used for 
ornamental purposes. 

Copper is a red, tough, difficultly fusible metal (M.P. 1,080°, 
density 8-95). When pure it is soft and can easily be shaped when 
cold (by hammering, rolling or drawing). It becomes harder when 
worked, but can be softened again by heating. It is used for electrical 
conductors, roofing and large vessels for boiling (e.g., brewing vats). 
When melted with other metals it forms alloys, which are often 
harder and cheaper than pure copper and are well adapted to 
casting. Bronze is a reddish alloy of copper and tin, brass a yellow 
alloy of copper and zinc, German silver a white alloy of copper with 
nickel and zinc. 

Chemical Properties. Copper comes before the noble metals in 
the electrochemical series, and the free metal is less resistant than 
silver, gold and platinum. It is oxidised by heating in the air : 
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black cupric oxide, CuO, is generally formed on tbe surface, while 
red cuprous oxide, Cu 2 0, is often found below the surface. The 
green compound which is formed when copper is exposed to the 
weather for long periods is a compound of cupric hydroxide and 
cupric sulphate or chloride. 

Copper comes after hydrogen in the electrochemical series, and 
is thus not dissolved by hydrochloric acid or dilute sulphuric acid. 
It is, however, dissolved by the oxidising acids. Thus it dissolves 
in nitric acid, forming cupric nitrate and oxides of nitrogen (equation, 
see p. 137), and is attacked by hot, strong sulphuric acid, forming 
cupric sulphate and sulphur dioxide (equation, see p. 80). With 
the aid of atmospheric oxygen it will dissolve slowly in acids 
which are not oxidising agents, e.g., hydrochloric, 

2Cu + 0 2 + 4H+ -> 2Cu ++ + 2H 2 0. 

Even weak organic acids can dissolve copper slowly in the presence 
of air. Since copper salts are poisonous, kitchen utensils made of 
copper should always be tinned internally. 

Copper forms two series of compounds: cuprous compounds in 
which it is monovalent, and cupric compounds in which it is divalent. 
The latter are the more important. 

CUPRIC COMPOUNDS 

Cupric oxide, CuO (often described merely as copper oxide), is a 
black solid prepared by heating copper in air. Its oxygen is fairly 
loosely combined and it acts as a powerful oxidising agent at high 
temperatures. This fact is made use of in organic analysis for the 
elements, where the complete oxidation of the organic substance to 
carbon dioxide and water is ensured by passing the products of 
combustion through a long layer of hot cupric oxide. 

Cupric sulphate, CuS0 4 , may be prepared by heating copper with 
concentrated sulphuric acid and recrystallising the product from 
water, 

Cu + 2H 2 S0 4 -> CuS0 4 + S0 2 + 2H 2 0. 

It is thus obtained as fine blue crystals containing water of crystallisa¬ 
tion (CuS0 4 .5H 2 0), and goes by the name of <s blue vitriol.” It 
dissolves in water to give a blue solution. On heating it loses its 
water of crystallisation and is converted to a white powder of 
anhydrous copper sulphate. 

The ions in an aqueous solution of cupric sulphate are cupric 
ions, Cu ++ , and sulphate ions. 

Cupric sulphate is used for freeing plants and seeds from fungi. 
Cupric sulphate solution has an acid reaction because the hydrated 
cupric ion, Cu(H 2 0) 4 ' f+ , is a weak acid, and thus has a corrosive 
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effect on young plants. Vines and fruit trees are therefore often 
sprayed with Bordeaux mixture , a colloidal suspension of cupric 
hydroxide or carbonate obtained by adding slaked lime or soda to 
a solution of cupric sulphate, 

Cu++ + 20H- Cu(OH) 2 , Cu-h- + C0 3 “ CuC0 3 . 

Copper comes after zinc and iron in the electrochemical series, 
and is hence precipitated from solution by these metals. The 
spraying solutions mentioned above must therefore not come into 
contact with zinc or iron articles, but are best prepared in wooden 
or earthenware vessels. 

The cupric ion, Cu ++ , is hydrated with 4 molecules of water in 
aqueous solution to the tetra-aquocupric ion, Cu(H 2 0) 4 + ' i '. It is 
this ion which is responsible for the characteristic blue colour of 
solutions of cupric sulphate, cupric nitrate and cupric chloride. 
Cupric salts containing less than 4 molecules of water of crystallisa¬ 
tion do not possess this colour : thus the pentahydrate of cupric 
sulphate changes into a perfectly white powder when it is made to 
give up its water of crystallisation by heating, and the dihydrate 
of cupric chloride (CuCl 2 .2H 2 0) which crystallises from concen¬ 
trated cupric chloride solutions is green. 

Complex Cupric Compounds. Cupric chloride is green even in 
concentrated aqueous solutions, since the tetra-aquocupric ions 
have begun to exchange water molecules with chloride ions, forming 
complex chloro-compounds , 

CuC1(H 2 0) 3 +, CuC1 2 (H 2 0) 2 , CuC1 3 (H 2 0)“ CuC1 4 “. 

When a solution of ammonia is added to cupric salts a precipitate 
containing cupric hydroxide is usually first formed, but on adding 
more ammonia the precipitate redissolves to give a dark blue solution. 
This is because the cupric ion can combine with ammonia to form 
complex amminocupric ions, in particular the tetramminocupric ion 
in which the four water molecules have been replaced by four 
ammonia molecules, 

Cu(H 2 0) 4 ++ + 4NH 3 -> Cu(NH 3 ) 4 ++ + 4H 2 0. 

This tetramminocupric ion has a much more intense blue colour 
than the tetra-aquocupric ion, and its hydroxy-compound is soluble. 
After adding ammonia, cupric hydroxide cannot be precipitated 
even by a strong base like sodium hydroxide. 

Organic hydroxy-compounds (polyvalent alcohols, sugar, tartaric 
acid) are also able to prevent the precipitation of cupric ions by 
sodium hydroxide, since in alkaline solutions they form dark blue 
complexes containing copper. Fehling’s solution is an alkaline 
cupric solution in which the precipitation of cupric hydroxide is 
prevented by adding tartaric acid or tartrates. 
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If the copper in a cupric solution is chiefly present as the cupric 
ion Cu(H 2 0) 4 ++ the solution has the light blue colour of this ion. 
If, on the other hand, the copper is combined in a complex form the 
solution is generally dark blue. The complexes always dissociate 
to a certain extent so that the dark blue solutions strictly speaking 
always contain some cupric ions. The stable complexes are, however, 
only dissociated to an extremely small extent, e.g ., in Fehling’s 
solution the molar concentration of cupric ions is about 10“ 10 . 
There are, however, a sufficient number of cupric ions in both 
Fehling’s solution and the ammoniacal solutions to give a precipi¬ 
tate of cupric sulphide on passing hydrogen sulphide. On the 
other hand, there are not enough cupric ions present to precipitate 
cupric hydroxide, although the alkaline reaction of these solutions 
shows that they contain many hydroxyl ions. 

CUPROUS COMPOUNDS 

Cuprous oxide, Cu 2 0, is a red solid which can be prepared by 
reducing an alkaline cupric solution, e.g., by reducing Fehling’s 
solution with glucose. The reaction can be written formally as 
2CuO —> Cu 2 0 + 0, 

the oxygen being taken up by the sugar. One would actually 
expect that cuprous hydroxide, CuOH, would be precipitated, but 
this substance is unstable and loses water to give cuprous oxide. 

Cuprous chloride, CuCl, is a white solid insoluble in water. It is 
formed when a solution of cupric chloride is boiled with copper, 
CuCl 2 + Cu-^2CuCl, 

but since it is insoluble in water it forms a layer on the metal which 
prevents further action. It is soluble in concentrated hydrochloric 
acid, forming complex chloro-cuprous compounds, but is precipitated 
from this solution by diluting with water. Cuprous chloride is 
therefore prepared by boiling a solution of cupric chloride in strong 
hydrochloric acid with copper turnings and pouring the dark 
solution formed into water, when cuprous chloride is precipitated 
as a white powder. 

The cuprous ion, Cu + , is unstable and decomposes in aqueous 
solution to copper and cupric ions, 

2Cu+ -> Cu - 

This reaction is reversible, but does not stop until practically all 
the cuprous ions have disappeared. If a solution of cupric sulphate 
is boiled with copper, a small amount of cuprous ion is formed by 
the reversal of the above change, but the reaction only goes to a 
very small extent. On account of the instability of the cuprous 
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ion, no soluble cuprous compounds are known which are not com¬ 
plex. All the cuprous compounds known are either insoluble (like 
the oxide or the chloride) or complex (like the solution of the 
chloride in strong hydrochloric acid). 

THE INTERCONVERSION OF CUPROUS AND CUPRIC COM¬ 
POUNDS 

In all cuprous compounds the degree of oxidation of the copper 
is one equivalent of oxygen (half an oxygen atom) per copper atom 
(Cu 2 0), and in all cupric compounds the degree of oxidation of the 
copper is two equivalents of oxygen (one oxygen atom) per copper 
atom (CuO). Cuprous compounds can thus be made from other 
cuprous compounds without oxidation or reduction, and similarly 
cupric compounds can be made from other cupric compounds 
without oxidation or reduction. If, however, a cuprous compound 
is to be made from a cupric compound, the latter must be reduced, 
(c/. the preparation of cuprous oxide and cuprous chloride ; in the 
latter case the reducing agent is metallic copper). If a cuprous 
compound is reduced still further, metallic copper is obtained. 
Conversely, if a cupric compound is to he prepared from a cuprous 
compound or from copper, the latter must be oxidised (c/. prepara¬ 
tion of cupric sulphate from copper). Cuprous compounds are 
usually readily oxidised. Thus white cuprous chloride becomes 
green on keeping, being oxidised by atmospheric oxygen to a 
compound of cupric chloride and cupric hydroxide according to the 
equation 

2CuCl + £0, + H 2 0 -> Cu(OH) 2 + CuCl 2 . 

If cuprous chloride is suspended in dilute hydrochloric acid (in 
which it is insoluble) and an oxidising agent (such as potassium 
permanganate) is added, it is immediately oxidised and goes into 
solution as cupric chloride, 

2CuCl + 2HC1 + 0 2CuC1 2 + H 2 0. 

The white precipitate disappears and the solution is coloured blue. 
On continued addition of permanganate its red colour will not 
persist until all the precipitate has dissolved. 

47. SILVER (Ag = 107*880) 

Silver occurs partly native (t.e., as free metal) and partly com¬ 
bined with sulphur. It is a soft white metal with a high melting 
point (960°) and a high density (10*5). By alloying with a little 
copper, silver becomes harder and easier to cast. Practically all 
silver used for useful or ornamental articles is alloyed in this way. 
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British hall-marked plate contains 92-5% silver and 7-5% copper. 
The same alloy was used for British coinage before 1921, but the 
present silver coinage contains 50% silver, 40% copper, 5% nickel, 
5% zinc. 

Chemical Properties. Silver comes below copper in the electro¬ 
chemical series. It is not dissolved by hydrochloric acid or by 
dilute sulphuric acid, but hot, strong sulphuric acid converts it to 
silver sulphate, sulphur dioxide being evolved, 

2Ag + H 2 S0 4 -> Ag 2 0 + S0 2 + H 2 0 
Ag 2 0 + H 2 S0 4 -> Ag 2 S0 4 + H 2 0 
giving by addition the net reaction 

2 Ag + 2H 2 S0 4 -> Ag 2 S0 4 + S0 2 + 2H 2 0. 

It is also dissolved by nitric acid, forming silver nitrate and evolving 
oxides of nitrogen, 

6 Ag +2HN0 3 -> 3Ag 2 0 + 2NO + H 2 0 
3Ag 2 0 + 6HN0 3 -> 6AgN0 3 + 3H 2 0 
giving on addition 

6 Ag + 8 HNO 3 6AgN0 3 + 2NO 4H 2 0 
and on dividing the whole equation by two, 

3 Ag + 4HN0 3 -> 3AgN0 3 + NO 2H 2 0. 

Silver is not oxidised in the air either at ordinary temperature 
or on heating. Silver oxide is in fact decomposed on heating into 
silver and free oxygen (silver is a noble metal). The dark patina 
which silver articles acquire in time consists of silver sulphide. It 
is due to hydrogen sulphide in the air, and is hence formed more 
rapidly in laboratories and in places where large amounts of organic 
substances containing sulphur ( e.g seaweed) are decaying and 
giving off hydrogen sulphide. If silver spoons which have been 
used for eggs are not immediately washed, they also become coated 
with black silver sulphide, as the proteins in the egg contain loosely 
combined sulphur. 

Colloidal Silver. When silver is precipitated from aqueous 
solutions of silver salts by the action of reducing agents it is usually 
obtained as a fine powder without any metallic appearance, which 
only acquires a metallic lustre if it is fused or hammered together. 
If suitable protective colloids (see p. 205) are present the silver 
particles do not unite to form larger particles, but form dark-coloured 
colloidal solutions which on evaporation give soluble (reversible) 
colloids containing silver. Preparations of colloidal silver are 
available commercially and are used as disinfectants in medicine. 

Silver is monovalent in all its more important compounds. 
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Silver nitrate, AgN0 3 (old name “ lunar caustic ”), is prepared 
by dissolving silver in nitric acid and is a white soluble salt. Fused 
sticks of silver nitrate are used by doctors for destroying diseased 
tissue. It colours organic tissue black, being reduced to metallic 
silver or converted to sulphide. 

In solution silver nitrate is dissociated into silver ions and nitrate 
ions (AgN0 3 —> Ag + + N0 3 "). If sodium hydroxide (hydroxyl 
ions) is added to a solution of silver nitrate, silver oxide, Ag 2 0, is 
formed as a greyish brown precipitate. We should really expect to 
obtain a precipitate of silver hydroxide, AgOH, but this substance 
is unstable and decomposes immediately to silver oxide and water, 

2Ag + + 20H" —> 2AgOH —> Ag 2 0 + H 2 0. 

Silver Halides* Silver chloride, silver bromide and silver iodide 
are insoluble in water and nitric acid and are obtained as curdy 
precipitates by treating a solution of silver ions (e.g., silver nitrate) 
with a solution of halogen ions (e.g., hydrochloric acid, potassium 
bromide, potassium iodide). Silver chloride , AgCl, is pure white ; 
silver bromide , AgBr, has a yellowish tinge, and silver iodide , Agl, is 
yellow. The chloride and bromide are sensitive to light , being 
darkened (particularly in blue and violet light) with the formation 
of finely divided silver and free halogen. This property is made 
use of in photography. 

COMPLEX SILVER COMPOUNDS 

The Diamminosilver Ion, Ag(NH 3 ) 2 + . If ammonia solution is 
added in excess to a solution of silver nitrate the silver oxide pre¬ 
cipitated at first redissolves , forming the complex diamminosilver 
ion, 


The resulting solution gives no precipitate with chloride ions, 
showing that the silver is present as a complex. However, on 
adding potassium iodide the silver is precipitated as silver iodide, 
showing that there are a few free silver ions present in the solution. 
There are not enough to make it possible to reach the solubility 
product of silver chloride by adding chloride ions, but silver iodide 
is much less soluble, and its solubility product is exceeded when 
iodide ions are added. 

Silver chloride dissolves in ammonia solution (AgCl + 2NH 3 —> 
Ag(NH 3 ) 2 + + Cl"), but silver iodide will not. This agrees with 
the above statements about the degree of dissociation of the 
diamminosilver complex. 

The Dicyanosilver Ion, Ag(CN) 2 “. When potassium cyanide is 
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added to a silver nitrate solution, a white precipitate of silver 
cyanide , AgCN, is first formed, 

A g + + car- -> AgCN, 

but redissolves in excess of potassium cyanide, forming the complex 
dicyanosilver ion 

The solution contains free cyanide ions from the excess of potassium 
cyanide added. Since silver cyanide is sparingly soluble, the 
solution cannot contain appreciable amounts of silver ion at the 
same time. The silver must therefore be present in a complex 
form. This is also shown by the fact that the solution gives no 
precipitate with sodium chloride (chloride ions). 

When the solution is evaporated down, the soluble complex 
double salt potassium silver cyanide (or argenticyanide), K + . Ag(CN) 2 ~, 
crystallises out. 

The Thiosulphatosilver Ion, Ag(S 2 0 3 ) 2 s * The halides of silver 
will dissolve in a solution of sodium thiosulphate with the formation 
of a complex thiosulphatosilver ion, 

AgCl + 2S 2 0 3 =^ Ag(S 2 0 3 ) 2 - + Or. 

The resulting solutions contain both silver and halogen, but the 
solubility products of the silver halides are not exceeded because 
the silver is present in the form of a complex with the thiosulphate 
ions. This complex is more stable than the diamminosilver complex, 
but not so stable as the dicyanosilver complex. 

Electro-deposition" or Silver. When silver is deposited 
electrolytically from a solution of a silver salt containing a large 
number of silver ions (e.g., silver nitrate) it is obtained as a loose 
deposit without metallic lustre. If, on the other hand, a silver 
solution containing silver in a complex form is electrolysed it is 
usually deposited as a coherent layer with a metallic lustre. Electro - 
plating with silver is usually carried out with silver solutions 
containing the cyanide complex. 

Photography. A photographic plate is covered on one side 
with a film of stiffened gelatine in which silver bromide is suspended. 
When this film is exposed to light, silver is formed in the parts 
which are illuminated. If the exposure is short the amount of silver 
deposited is extremely small, and the image formed on the plate is 
therefore invisible {latent). When the exposed plate is taken into 
the dark room and immersed in a reducing solution (a developer) 
the small amounts of silver already formed act as nuclei and the 
silver bromide grains containing them are reduced to silver, thus 
giving a visible picture which is dark where the plate has been 
illuminated (i.e ., a negative). After developing the plate is immersed 
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in a fixing bath of sodium thiosulphate. This dissolves out the 
unreduced silver bromide, and the plate can now be safely exposed 
to light. Since silver bromide is affected chiefly by blue and violet 
light, a red light can be safely used in the dark room with ordinary 
plates. 

Positive pictures are obtained from the glass negative by printing. 
A photographic film (usually on paper) is illuminated through the 
negative, producing a picture which is light where the negative 
is dark, and thus corresponds to the original object photographed. 
The film on the printing paper usually contains silver chloride, 
and it is illuminated long enough to give a visible picture without 
developing. The print then only needs fixing as before with thio¬ 
sulphate. The silver image formed is not a very attractive colour, 
and it is usually toned by immersing the print in a gold or platinum 
solution. Since gold and platinum come after silver in the electro¬ 
chemical series, the silver in the image is replaced by gold or 
platinum. The prints thus obtained are more attractive and more 
permanent than the silver prints. 

48. GOLD (Au = 197-2) 

Gold occurs native. It used to be obtained from river sand 
containing gold by a washing process in which the heavy grains of 
gold remained behind. It is now chiefly obtained from gold-bearing 
rocks, which are crushed and extracted with sodium cyanide 
solution. The gold is dissolved and is redeposited from the solution 
by electrolysis. 

Gold is, when pure, a soft metal with a high melting point (1,064°) 
and a very high density (19-3). It is readily drawn out and can be 
beaten out into extremely thin leaves, genuine gold leaf (artificial 
gold leaf consists of an alloy of copper and zinc). It is made harder 
and more resistant to wear by alloying with copper or silver. 

Most gold articles are made with 14 carat gold, i.e., an alloy 
containing 14/24 gold and 10/24 of another metal (usually copper). 

Gold is used much for ornamental purposes, as it has a fine 
lustre which is not affected at all by exposure to the atmosphere. 
Gold articles which have been buried in the earth for thousands of 
years are just as beautiful as when new. Gold is not oxidised even 
on heating : in fact most gold compounds decompose to give metallic 
gold on heating. It will not dissolve in sulphuric, hydrochloric or 
nitric acid alone, but dissolves in aqua regia, a mixture of concen¬ 
trated nitric acid and concentrated hydrochloric acid (best in the 
ratio 1 : 3), forming hydrogen aurichloride. 

Gold is monovalent in the aurous compounds and trivalent in 
the auric compounds. 
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Hydrogen aurichloride, HAuC1 4 (chloroauric acid), is prepared by 
dissolving gold in aqua regia. The nitric acid oxidises a part of the 
hydrochloric acid to chlorine, which then combines with more 
hydrochloric acid and gold, 

Au + HC1 + 3 Cl -> HAuC1 4 . 

This compound contains trivalent gold, as may be seen by writing 
its formula as HC1. AuCl 3 . It is a yellow crystalline substance with 
acid properties, dissociating in water in the following way. 


When hydrogen aurichloride is heated, hydrogen chloride is first 
lost, leaving orange auric chloride , AuC 1 3 , after which chlorine is 
given off, leaving aurous chloride , AuCl. On further heating all the 
chlorine is lost and pure gold remains. 

Sodium aurichloride (sodium chloroaurate), NaAuCl*, is the 
sodium salt of the above acid. It is a complex double salt containing 
gold as the aurichloride ion , Au01 4 "". It is used in photographic 
toning solutions. 

The aurous ion resembles the silver ion in forming stable complex 
ions with cyanide ions and thiosulphate ions. When gold is extracted 
from minerals by means of sodium cyanide solution, a complex 
dicyanoaurous ion is formed, 

2Au 4- 4CN- + 0 + H 2 0 2Au(CN)r + 20 H“. 

Atmospheric oxygen is necessary for the process of solution. The 
complex salt sodium aurothiosulphate, 3Na + . Au(S 2 0 3 ) 2 e , has been 
proposed as a remedy for tuberculosis under the name of sanocrysin . 


49. REVIEW OE THE SILVER GROUP 

The silver group comprises the following heavy metals :— 

Copper Silver Gold 

Cu = 63-57 Ag = 107*880 Au = 197-2 

These metals are very similar in physical properties : they are 
all soft and ductile, they melt at about 1,000°, and they conduct 
heat and electricity excellently. 

They also resemble one another in chemical properties. They 
all occur near the bottom of the electrochemical series, and their 
compounds are often complex and are easily reduced to metals. 
All three elements can be monovalent. Silver is nearly always 
monovalent, copper is monovalent in the cuprous compounds, but 
divalent in the cupric compounds, while gold is similarly mono¬ 
valent in the aurous compounds and trivalent in the auric com¬ 
pounds. 
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THE COMPOSITION AND NATURE OF CHEMICAL COMPOUNDS 

The Co-ordination Humber. In the complex compounds 
formed by the silver ion and the aurous ion there are usually two 
atoms or groups of atoms attached to the central metal atom, e.g., 
Ag(HH 3 ) 2 +, Ag(CN) 2 - Ag(S 2 0 3 ) 2 ^ 

Au(CH) 2 ~ Au(S 2 0 3 ) 2 = 

This fact is expressed by saying that the silver ion and the aurous 
ion have the co-ordination number 2. As the examples show, the 
groups attached can be both neutral molecules (NH 3 ) and ions 
(CH~, S 2 0 3 =). The cupric ion and the auric ion usually have a 
co-ordination number of 4, as the composition of the following 
complexes shows :— 

Cu(HH 3 ) 4 ++ , Cu(H 2 0) 4 +^, CuC1(H 2 0) 3 +, CuC1 2 (H 2 0) 2 
CuC1 3 (H 2 0)-, CuC1 4 =, AuC1 4 ~ 

The complexes formed by the cupric ion include the tetra-aquo- 
cupric ion, which must be regarded as a complex with water mole¬ 
cules (an aquo-complex). It is true that hydrated ions are not 
usually reckoned as complex compounds, but this is because 
originally only those compounds were considered complex which 
failed to give the usual analytical tests for the ion in question in 
aqueous solution, where it is of course hydrated. 

Since the aluminium ion is hydrated with 6H 2 0 and the com¬ 
position of cryolite is Ha 3 AlF 6 = 3Ha + . A1E 6 3 , it is natural to 
assign it the co-ordination number 6. The ferric ion , the ferrous ion 
and the cobaltic ion have the same co-ordination number, as is 
illustrated by the complexes Ee(CN) 6 ~ (ferrocyanide), Ee(CN) 6 " 
(ferricyanide), Co(H0 2 ) 6 ^ (cobaltinitrite). 

Ions such as the perchlorate ion (C10 4 ~), the sulphate ion (S0 4 = ) 
and the phosphate ion (P0 4 = ) can be regarded as complex ions in 
which chlorine, sulphur and phosphorus have a co-ordination 
number of 4. In the chlorate ion (C10 3 "), the sulphite ion (S0 3 = ), 
the nitrate ion (N0 3 ”) and the carbonate ion (C0 3 = ) the central atom 
has a co-ordination number of 3. The formula of the ammonium 
ion (NH 4 + ) shows that in this case nitrogen has a co-ordination 
number of 4. In the silicofluoride ion (SiF 6 = ) silicon has the co¬ 
ordination number 6. 

The co-ordination numbers of atoms provide no explanation of 
the nature of the link between the central atom and the attached 
groups, but they have proved useful in relating the compositions 
of existing complexes. A given atom or ion usually has a maximum 
co-ordination number. As long as the atom or ion is not combined 
with as many other atoms (molecules or ions) as allowed by the 
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maximum co-ordination number, it usually has a considerable 
tendency to take up further atoms or radicals, and is said to be 
unsaturated. 

Electro valency . A third number which is characteristic for 
every atom in a compound is the electrovalency , i.e., a number which 
states how many electrons the atom in question has lost or gained. 
The electrovalency can therefore have either a positive or a negative 
sign : it is positive when the atom has formed a positive ion, and 
conversely. 

The alkali metals have an electro valency of + 1, since they form 
monovalent cations (Na+, K+) : similarly, the metals of the calcium 
group have the electro valency + 2 (Ca ++ , etc.), and aluminium 
+ 3 (Al +++ ). Chlorine , on the other hand, has the electrovalency 
— 1 in the chloride ion (Cl”). In the perchlorate ion chlorine can 
be attributed an electrovalency of + 7, as this ion may be imagined 
as built up from the ions Cl 7+ +• 40= = C10 4 “. In the same way 
sulphur may be assigned the electrovalency — 2 in sulphides, + 4 
in sulphites and + 6 in sulphates. Similarly, phosphorus will have 
an electrovalency of — 3 in phosphine, + 1 in hypophosphites, 
+ 3 in phosphites and + 5in phosphates. 

While the co-ordination number gives the number of atoms (or 
groups of atoms) directly linked to a given central atom, the electro¬ 
valencies of the atoms enable us to calculate the total electric charge 
on a complex. Thus the tetrachlorocupric complex is built up from 
a cupric ion of electrovalency + 2 and four chloride ions of electro¬ 
valency — 1 : hence it must have a net charge of two negative 
charges, i.e., CuCl^. The composition of a binary uncharged 
molecule can usually be deduced directly from the electrovalencies 
of the two atoms. Thus the sulphur atom with an electro valency 
of + 6 and the oxygen atom of electrovalency — 2 must combine 
to form an uncharged molecule of the formula S0 3 (sulphur trioxide) 
in which the co-ordination number of the sulphur is 3. However, 
sulphur usually has a co-ordination number of 4, and sulphur 
trioxide has therefore unsaturated properties. More stable is the 
sulphate ion, S0 4 = , in which the sulphur and oxygen have the 
same electro valencies as in sulphur trioxide, but the sulphur has 
the co-ordination number 4. In the hypophosphite ion (H 2 P0 2 ”), 
the phosphite ion (HPOg^) and the phosphate ion (PO^) the 
phosphorus has different electrovalencies (+ 1, + 3, + 5) but the 
same co-ordination number 4. Eor carbon the co-ordination 
number is usually 4 and the electro valency either +4 or — 4. 
Since in this case the co-ordination number and the electro valency 
coincide, carbon compounds are not suited for distinguishing 
between these two concepts. 
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The term valency as generally used is related to both the numbers 
we have just introduced, co-ordination number and electrovalency, 
but is not identical with either of them. The older concept of 
valency has been resolved into two new concepts. 

The Nature oe Chemical Linkage. All known substances can 
be classified in one of the following three groups :— 

(1) Metals, which contain positive metal ions and free negative 
electrons. These ions and electrons can be very firmly held together, 
as is shown by the high melting point and mechanical strength of 
many metals. This coherence is due to the electrical forces between 
the particles, but can only be completely accounted for by quantum 
mechanics. 

(2) Salts , which contain positive and negative ions. The ions are 
held together by electrical forces in a lattice which usually needs 
considerable mechanical force to break it (salts are usually hard) 
and a high temperature for the thermal motion of the ions to break 
it down (salts are solids at ordinary temperatures). The electro¬ 
static explanation of the stability of ionic lattices is confined, of 
course, to the relations of the whole ions : e.g., it explains the union 
of the ions Na+ and CL in the sodium chloride crystal, the ions NH 4 + 
and CL in the ammonium chloride crystal, or the ions Ca +4 * and 
CO^ in a crystal of calcium carbonate. It does not, however, 
explain the nature of the forces which hold together the atoms in 
a complex ion, e.g., the nitrogen atom, three hydrogen atoms and 
one proton in the ion NH 4 +. 

(3) Substances Composed of Uncharged Molecules. This group 
comprises practically all substances which are liquids or gases at 
ordinary temperatures and also a large number of solids. 

If the molecules in class (3) or the ions in class (2) are very large, 
the substance has colloid properties. In a few substances (< e.g ., 
the diamond) each crystal may consist of a single giant molecule 
(see p. 164). 

The chemical forces which hold the atoms together in a poly¬ 
atomic ion (e.g., NH 4 +) or an uncharged molecule are undoubtedly 
of electrical origin. In every true chemical linkage the atoms 
which are linked together have several electrons in common. An 
ordinary single bond usually corresponds to two shared electrons. 
By sharing electrons in this way each of the atoms concerned 
is able to attain a stable group of 2, 8, 18 or 32 electrons 
(see p. 252). 

A hydrogen molecule , H 2 , is formed by the single electrons on each 
atom combining together to form a stable group of two (as in 
helium) which belongs to both nuclei. In the chlorine molecule, 
Cl 2 , two chlorine atoms originally having 7 electrons each share 
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two electrons, thus giving them a stable group of 8 electrons, as 
in argon. In the formation of the non-metallic hydrides the atom of 
the non-metal combines with a sufficient number of hydrogen atoms 
to bring its own incomplete electron system up to 8 (e.g., HCI, 
H 2 0, NH 3 , CH 4 ). The shell of 8 electrons thus formed surrounds 
both the hydrogen nuclei and the nucleus of the non-metallic atom 
(including the inner electron system of the latter). This structure 
explains the considerable similarity in physical properties between 
the gaseous non-metallic hydrides and the rare gases of the argon 
group, since the atoms of the latter also have an outer closed group 
of 8 electrons. The formation of the above molecules can be written 
schematically as follows :— 

H- -H —> H : H, : Cl • + * Cl: • 

: Cl: Cl: Cl • + • H : Cl : H, or better : C1H : 

The sulphate ion can be pictured as being formed either from one 
positive hexavalent sulphur ion (S 6+ ) and four negative divalent 
oxygen ions (()") or from one negative divalent sulphur ion (S = ) 
and four neutral oxygen atoms. Neither of these systems repre¬ 
sents the actual state of the sulphate ion, in which each oxygen 
atom shares two electrons with the sulphur atom, i.e. 3 



0: 

0 

S: 6 


6:' 


If we picture the formation as taking place in the first way the shared 
electrons come from the oxygen ions (S 64 * + 40~ —> S0 4 ~), while 
in the second picture they will come from the sulphide ions 
(S“ + 40 —> S0 4 “) 

The formation of stable groups of atoms (ions, molecules, com¬ 
plexes) is governed not only by the formation of stable groups by 
electron sharing, but also by electrostatic considerations. On 
account of the strong attractive forces between them, positive and 
negative ions will combine together to form compounds much more 
readily than ions of the same sign or ions and uncharged atoms. 
Electrostatic forces will thus greatly facilitate the formation of 
sulphate ions from S 6+ and 4CK 

In order to understand the existence and stability of a given 
group of atoms it is thus necessary to take into account the following 
factors : the stability of the components from which we imagine 
the group to be formed, the electrostatic forces acting between 


1 . 0 . 
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these components, and finally the increased stability which may be 
obtained by the formation of stable electronic groupings by means 
of electron-sharing between the nuclei. 


THE ZINC GROUP 

The second group of heavy metals contains zinc and mercury. 

50. ZINC (Zn = 65*38) 

Zinc occurs chiefly as sulphide, ZnS [zinc blende), and to a lesser 
extent as carbonate, ZnC0 3 [calamine). It is a white metal with a 
low melting point (412°) and about the same density (6*8) as iron. 
It vaporises on heating strongly and can be distilled (B.P. 900°). 
It is not very strong mechanically, but is easy to cast. It is used 
for roofing and guttering and for a number of alloys, the most 
important of which are brass (zinc and copper) and German silver 
(zinc, copper and nickel). A further important use is in preparing 
the so-called galvanised iron : this is iron which has been covered 
with a thin layer of zinc either by dipping in molten zinc or by 
electrolysis. The coating of zinc acts as an excellent preservative 
against rust. Since zinc is poisonous , zinc or galvanised iron articles 
must not be used for preparing or storing food. 

Chemical Properties . When exposed to the atmosphere zinc 
becomes coated with a layer of carbonate containing hydroxide, 
which gives it an unsightly grey appearance but protects it quite 
well from further attack. Zinc comes well before hydrogen in the 
electrochemical series (see p. 257), and dissolves readily in dilute 
acids with the evolution of hydrogen. 

Zinc is divalent in all its compounds. 

Zinc sulphate, ZnS0 4 , is prepared by dissolving zinc in dilute 
sulphuric acid. On evaporating down the solution it crystallises 
out with 7 molecules of water of crystallisation. It is used medi¬ 
cinally as an emetic and also as a disinfectant lotion. 

The Zinc Ion, Zn ++ . Zinc sulphate is ionised in aqueous solution 
to zinc ions, Zn ++ , and sulphate ions, SO^, and most other zinc 
salts [e.g., the chloride and nitrate) behave in the same way. The 
zinc ion is considerably hydrated in aqueous solutions, and zinc 
salts nearly always crystallise with water of crystallisation. The 
hydrated ion has slightly acid properties. If sodium hydroxide 
is carefully added to a solution containing zinc ions a white pre¬ 
cipitate of zinc hydroxide is first formed, but dissolves again in 
excess of alkali. This is because zinc hydroxide has weakly acid 
properties, the reaction being Zn(OH) 2 + OH~—>Zn(0H)0~ + H 2 0 
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(cf. aluminium). An excess of ammonia solution will also redissolve 
the zinc hydroxide which is first precipitated, but in this case the 
action is due to the formation of soluble complexes containing 
ammonia (Zn ++ -f 4NH 3 —> Zn(NH 3 ) 4 : cf. copper and silver). 

Zinc oxide, ZnO, is a white powder insoluble in water. When 
zinc is heated strongly in air it burns to zinc oxide. It is used as a 
pigment (zinc white) and also medicinally as a constituent of oint¬ 
ments and powders. 

Zinc sulphide, ZnS, differs from the sulphides of the other heavy 
metals in being white, and is used as a pigment. It is soluble in 
dilute solutions of strong acids (ZnS + 2 H + —> Zn+ + + H 2 S), and 
is therefore not precipitated by hydrogen sulphide from solutions 
of zinc salts containing free hydrochloric acid. It is, however, 
precipitated completely from solutions containing acetic acid and 
acetate ions, 

Zn++ + H 2 S + 2 CH 3 COO- ZnS + 2CH 3 COOH. 

Zinc phosphate, Zn 3 (P0 4 ) 2 , is a white solid insoluble in w r ater but 
soluble in acids, even in weak acids like acetic (Zn 3 (P0 4 ) 2 + 6 H + —> 
3 Zn ++ + 2H3PO4). This fact is used in analysis to separate iron 
and aluminium as phosphates from zinc, since sodium phosphate 
will precipitate iron and aluminium from a solution acidified with 
acetic acid, while zinc remains in solution. 

THE THEOBY OE THE HYDBOGEX SULPHIDE PBECLPITATIOX 

It is a general phenomenon that the more acid the solution is, 
the less completely metals are precipitated by hydrogen sulphide. 
The reason is as follows. All aqueous solutions saturated with 
hydrogen sulphide contain practically the same amount of hydrogen 
sulphide per litre as a saturated solution of hydrogen sulphide in 
pure water. The concentration of sulphide ions will, however, 
be much less in the strongly acid solutions than in the slightly acid 
ones, since the more hydrogen ions there are originally present, 
the less will the dissolved hydrogen sulphide be dissociated into 
hydrogen ions and sulphide ions according to the reversible process 


It therefore follows that hydrogen sulphide will precipitate more 
efficiently in weakly acid than in strongly acid solution, since it is 
the concentration of sulphide ions and not the concentration of 
hydrogen sulphide which determines whether a metal is precipitated 
and how completely it is precipitated. Precipitation will take place 
as soon as the product of the concentrations of metal ions and 
sulphide ions becomes greater than the solubility product of the 
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metallic sulphide involved, and it will continue until the product 
of these two concentrations has fallen below the value of the solu¬ 
bility product. 

The following series of solutions have increasing acidity (decreasing 
pH) and hence decreasing sulphide ion concentrations :— 

1. Ammonium sulphide. 

2. Hydrogen sulphide solution mixed with sodium acetate and a 
little acetic acid. 

3. Hydrogen sulphide solution mixed with equal quantities of 
sodium acetate and acetic acid. 

4. Hydrogen sulphide solution mixed with one-quarter its volume 
of dilute hydrochloric acid. 

5. Hydrogen sulphide solution mixed with an equal volume of 
concentrated hydrochloric acid. 

If manganous sulphate, ferrous sulphate, zinc sulphate, bismuth 
nitrate and cupric sulphate are added to these solutions, all five metals 
are precipitated as sulphide in the first; iron, zinc, bismuth and copper 
in the second ; zinc, bismuth and copper in the third ; only bismuth 
and copper in the fourth, and only copper in the fifth. 

These results are due to the decreasing sulphide ion concentrations 
in the solutions, and they show that the solubility products of the 
sulphides decrease in the order: manganese, iron, zinc, bismuth, 
copper. 


51. MERCURY (Hg = 200*61) 

Mercury occurs naturally in the free state and as mercuric sulphide , 
HgS (cinnabar). It is extracted by roasting the ores. The free 
mercury vaporises and the sulphide burns to sulphur dioxide and 
mercury vapour : all the mercury is thus obtained in the free 
state by cooling the vapours given off. 

Mercury is a liquid at ordinary temperatures, but solidifies on 
cooling to a low temperature (M.P. — 39°). It is very heavy 
(density 13*6) and has a measurable vapour pressure (about 10" 6 
atmospheres) even at ordinary temperatures. It boils at 357° and 
can be readily distilled. 

Chemical Properties. Mercury forms alloys, the so-called 
amalgams , with most metals. Thus it combines with sodium 
with the evolution of a considerable amount of heat to give sodium 
amalgam , which is used as a reducing agent. Zinc which is to be 
used as an electrode in a galvanic cell is amalgamated by rubbing 
it with mercury and a little acid : amalgamated zinc dissolves 
only very slowly in dilute acids. Tin and silver form amalgams 
which harden in a short time and are used for dental fillings. Gold 
very readily forms an amalgam, and gold articles should therefore 
never be allowed to come into contact with mercury. Iron does 
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not form amalgams, and mercury can therefore be transported in 
iron bottles. 

When heated in air to near its boiling point mercury is slowly 
oxidised to red mercuric oxide, HgO, but the oxide is decomposed 
again on stronger heating. Mercury is thus almost a noble metal. 
In the electrochemical series mercury comes near the bottom, just 
above the noble metals. Even copper can liberate mercury from 
its salts, and a copper coin is therefore amalgamated when it is 
immersed in a solution of mercurous nitrate. Mercury is not 
dissolved by hydrochloric acid or dilute sulphuric acid, but hot, 
strong sulphuric acid will convert it to mercuric sulphate, HgS0 4 , 
with the evolution of sulphur dioxide. It is dissolved by nitric 
acid with the evolution of oxides of nitrogen : with cold dilute acid 
and an excess of mercury, mercurous nitrate is formed, while with 
an excess of hot acid mercuric nitrate is obtained. 

Purification of Mercury. Impurities present as a mechanical 
mixture may be removed by filtration through a small hole in a 
paper filter, or better through leather. Mercury may also contain 
dissolved metals as impurities. Most of these can be removed by 
shaking the mercury with a solution of mercurous nitrate: all 
metals which occur above mercury in the electrochemical series 
will then go into solution, liberating an equivalent amount of 
mercury, e.g. 7 

Zn + H > 2Hg + Zn ++ . 

(mercurous ion) 

Metals which come after mercury in the electrochemical series 
can only be removed by distillation, best in a vacuum. 

The inhalation of mercury vapour can lead to very serious poisoning. 
This danger is present even at ordinary temperatures, in spite of the 
low vapour pressure of the liquid. Care should therefore be taken not 
to spill mercury in the laboratory. 

All mercury compounds volatilise on heating. They are all 
poisonous unless (like the sulphide or mercurous chloride) they are 
practically insoluble. Hydrogen sulphide gives a black precipitate 
of sulphide even in strongly acid solutions. Mercury is monovalent 
in the mercurous compounds (with two positive charges on two 
mercury atoms) and divalent in the mercuric compounds. 

MERCURIC COMPOUNDS 

Mercuric nitrate, Hg(N0 3 ) 2 . A solution of mercuric nitrate is 
obtained by dissolving mercury in an excess of hot dilute nitric 
acid. Solutions of this salt contain mercuric ions (Hg ++ ) and nitrate 
ions (N0 3 ~). Unless a sufficient excess of acid (hydrogen ions) is 
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present, on diluting these solutions basic nitrates containing mercuric 
oxide are precipitated, hydrolysis taking place roughly according 
bo the equation 

2Hg ++ + H 2 0 + 2N0 3 - HgO . Hg(H0 3 ) 2 + 2H+ 

Mercuric chloride ( corrosive sublimate ), HgCl 2 » is a white crystalline 
solid which is fairly soluble in water (one part in about 15 parts of 
water at room temperature). It is prepared from mercury, which 
is first converted into mercuric sulphate by heating with concen¬ 
trated sulphuric acid, 

Hg + 2H 2 S0 4 -> HgS0 4 + S0 2 + 2H a O. 

The mercuric sulphate is then mixed with sodium chloride and 
heated, when the volatile mercuric chloride sublimes off, 

HgS0 4 + 2NaCl HgCl 2 + Ha 2 S0 4 . 

A solution of mercuric chloride conducts electricity badly, showing 
that the salt is only slightly ionised (cf. p. 94). Quantitative 
measurements have shown that only a few per cent, of the chlorine 
is split off as chloride ion, the remainder being combined with the 
mercury as a complex. On account of its complex nature the 
chloride shows less tendency than the nitrate to deposit sparingly 
soluble basic salts, but its solutions are sufficiently hydrolysed to 
have an acid reaction. 

Mercuric chloride is reduced by stannous chloride, first to 
mercurous chloride and then to metallic mercury. With strong bases 
it gives a yellow precipitate of mercuric oxide , HgO. As might be 
expected, mercuric hydroxide immediately loses water (cf. silver). 
With a solution of ammonia mercuric chloride gives a white 
precipitate of mercuric amino-chloride , used in medicine under the 
name of infusible white precipitate , 

HgCl 2 + 2NH 3 -> HgNH 2 Cl + NH 4 + + Cl". 

Mercuric chloride solutions are used as a disinfectant. The 
sublimate solution generally used contains about 0*1% mercuric 
chloride. Since it is very poisonous and cannot be recognised by 
its smell, red or blue dye is often added to prevent it being confused 
with ordinary water. Surgical instruments of steel are attacked by 
sublimate solution, mercury being deposited on them (as would be 
anticipated from the electrochemical series), 

Ee + HgCl 2 -> Ee-H- + Hg + 2CK 
It is the free mercuric ions which have disinfectant properties, and 
hence the complex mercuric chloride is a weaker disinfectant than 
the ionised mercuric nitrate. Mercuric chloride is, however, used 
for preference, since it exhibits less tendency to deposit precipitates 
of basic salt by hydrolysis. 
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Mercuric iodide, Hgl 2 , is a red solid insoluble in water prepared 
by precipitating mercuric chloride with the calculated quantity of 
potassium iodide (HgCl 2 -j- 21” —> Hgl 2 + 2C1“). It dissolves in 
potassium iodide, forming a complex double iodide, K+ . Hgl 4 ~ which 
does not give a precipitate of mercuric oxide with sodium hydroxide. 
An alkaline solution of potassium mercuric iodide gives a yellow or 
brown precipitate with ammonia and is used under the name of Nessler's 
reagent for detecting small quantities of ammonia, e.g., in drinking 
water. 

MERCUROUS COMPOUNDS 

Mercurous nitrate, Hg 2 (N0 3 ) 2 , is a greyish white crystalline salt 
readily soluble in water. In aqueous solution it is dissociated into 
mercurous ions (Hg 2 ++ ) and nitrate ions (N0 3 ~). Like mercuric 
nitrate, it is easily hydrolysed with the formation of sparingly 
soluble basic mercurous salts containing oxide. A solution of 
mercurous nitrate can be prepared by shaking a solution of mercuric 
nitrate with an excess of mercury, 

+ Hg —> Hg 2 ++ . 

Mercurous chloride [calomel), Hg 2 Cl 2 , is a white solid insoluble 
in water and in hydrochloric acid. It is used as an emetic and 
diuretic. It can be prepared by precipitating a solution of mercurous 
nitrate with hydrochloric acid, 

Hg 2 ^ + 2Cl-^Hg 2 Cl 2 . 

It is coloured black by ammonia solution, a mixture of finely 
divided free mercury and mercuric amino-chloride being formed, 
Hg 2 Cl 2 + 2NH 3 -> Hg + HgNH 2 Cl + NH 4 + + Cl“ 

The mercurous ion, Kg 2 ++ 3 consists of two mercury atoms which 
have together lost two electrons. Like the cuprous ion, Cu + , it 
contains one positive charge per metal atom. In contrast to the 
cuprous ion it is quite stable in aqueous solution, and is only 
transformed to a very small extent to free mercury and mercuric 
ion. In fact, mercuric ions in solution are converted almost com¬ 
pletely to mercurous ions by shaking with metallic mercury. The 
solubilities of the mercurous salts bear a considerable resemblance 
to those of the cuprous salts, e.g., both chlorides are insoluble in 
water. 


52. REVIEW OF THE ZINC GROUP 
The zinc group comprises the following heavy metals :— 

Zinc (Cadmium) Mercury 

Zn = 65-38 (Cd = 112-41) Hg = 200-61 

These metals all melt at a relatively low temperature and are 
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among the most volatile metals known. They are all divalent; 
mercury can, however, also he monovalent. In their divalent 
compounds they hear a considerable resemblance to the calcium 
group, zinc salts and magnesium salts being specially similar. 
However, in contrast to the metals of the calcium group, zinc and 
mercury can be precipitated by hydrogen sulphide and will form 
complex compounds ; e.gzinc forms soluble complexes with 
ammonia and mercury forms complex salts with the halogens, 
which are very little dissociated in solution. 

THE TIN GROUP 

The third group of heavy metals contains only rare metals, and 
we shall therefore pass straight on to the fourth group, of which 
the most important representatives are tin and lead. 

53. TIN (Sn = 118-70) 

Tin occurs naturally as tin dioxide, Sn0 2 (i tinstone ), from which 
it is prepared by reduction with carbon. It is a white metal with a 
low melting point (230°) and has a well-marked crystalline structure. 
When a piece of tin is bent the crystals rub against one another, 
giving rise to a creaking sound. It is a soft metal with a low 
mechanical strength. It costs rather more than copper, and is 
much dearer than lead and zinc. It differs from these metals in 
forming compounds which are only slightly poisonous. Considerable 
amounts of tin are used for coating copper and iron and for alloys. 
Ordinary tin plate, used for kitchen utensils, preserving food, etc., 
is iron coated with tin. Bronze is a reddish alloy of tin and copper, 
and solder an easily fusible alloy of tin and lead. Tin foil is made 
by rolling out tin into thin leaves. 

Chemical Properties. Tin is affected very little by air and water 
at ordinary temperatures. On heating, it melts and is gradually 
covered (especially at high temperatures) with a layer consisting 
of a mixture of tin dioxide and tin. It comes just before hydrogen 
in the electrochemical series, and dissolves in hydrochloric acid 
forming stannous chloride and evolving hydrogen (Sn + 2HC1 —> 
SnCl 2 4* H 2 ). With nitric acid it behaves like a non-metal, being 
oxidised to white insoluble stannic acid (3Sn + 4HN0 3 -f H 2 0 
4NO + 3H 2 Sn0 3 ). 

Grey Tin. At low temperatures tin can be transformed into a grey 
non-metalUc substance which is less dense than the ordinary white 
tin. The transformation usually begins in spots, and as the grey tin 
is more voluminous than the white tin it looks as if swellings were 
appearing on the metal. The grey tin is not coherent, and the articles 
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attacked therefore crumble to pieces. Since the phenomenon is also 
infectious (a nucleus of grey tin can start the transformation), it is 
natural that it is called by the name of tin pest. Cases are known in 
which organ pipes made of tin have been destroyed by tin pest on 
account of the low temperature of churches during the winter. The 
transition temperature between grey and white tin is about 20°, but it 
is not until a considerably lower temperature is reached that the 
spontaneous transformation of white to grey tin begins. By heating 
to 30°“40° grey tin can easily be converted back into white tin, but 
this will not, of course, restore the shape of the original article. 

Tin forms two series of compounds, stannous compounds in which 
it is divalent and behaves like a metal (the hydroxide is basic), and 
stannic compounds in which it is tetravalent and behaves like a 
non-metal (acid-forming). 

STANNOUS COMPOUNDS 

Stannous chloride, SnCl 2 , is a white crystalline salt prepared by 
dissolving tin in hot concentrated hydrochloric acid and crystallising 
by evaporation. Unless the solution is strongly acid it is hydrolysed 
by water, forming a precipitate containing both chloride and 
hydroxide ( C£ basic ” chloride), and it gradually absorbs oxygen 
from the air, forming stannic acid, which is precipitated unless the 
solution is strongly acid. 

Sn +4_ + 0 + 2H 2 0 -> H 2 Sn0 3 + 2Hh 

Its great tendency to take up oxygen or chlorine makes it a powerful 
reducing agent. In analysis it is used to reduce mercuric chloride 
to white insoluble mercurous chloride and finally to grey mercury. 
2HgCl 2 + SnCl 2 -> 2HgCl + SnCl 4 
2HgCl + SnCl 2 -> 2Hg + SnCl 4 

STANNIC COMPOUNDS 

Stannic oxide (tin dioxide, tinstone), Sn0 2s is insoluble in water. It 
is an acid anhydride and its properties are very similar to those of 
silica. On fusing with alkalies it forms salts, e.g., sodium stannate , 
Na 2 Sn0 3 , which are soluble in water and are derived from stannic 
acid, H 2 Sn0 3 . 

Stannic acid, H 2 Sn0 3 , occurs like silicic acid with a variable water 
content. It is insoluble in water, but will form colloidal solutions. 

Stannic chloride, SnCl 4 , is prepared by the action of chlorine on 
gently heated tin. It is a colourless liquid which is hydrolysed by water, 
giving stannic acid (in colloidal solution) and hydrochloric acid, 

SnCl* + 3H 2 0 —^H 2 Sn0 3 + 4KC1. 

It combines with potassium chloride to give potassium chlorostannate 
(potassium stannichloride), K 2 SnCl 6 , the potassium salt of chlorostannic 
acid , H 2 SnCl 6 , in which chlorine plays the same part as oxygen does 
in most acids. 
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Stannic sulphide, SnS 2 , is a yellow solid insoluble in water. It will 
dissolve in a solution of sodium sulphide, forming sodium thiostannate, 
Na 2 SnS 3 , a salt of thiostannic acid, H 2 SnS 3 , in which the place of the 
oxygen in ordinary stannic acid has been taken by sulphur. 

Neither stannic oxide, stannic chloride nor stannic sulphide have 
salt-like properties, but they all give rise to acids by the addition of 
water, hydrogen chloride and hydrogen sulphide respectively, 

Sn0 2 + H 2 0 —>H 2 Sn0 3 (stannic acid). 

SnCl 4 4- 2HC1 —> H 2 SnCl 6 (chlorostannic acid or hydrogen stanni- 

chloride). 

SnS 2 + H 2 S —>H 2 SnS 3 (thiostannic acid). 

Tin behaves completely like a non-metal in its tetravalent com¬ 
pounds^ and especially resembles silicon. Stannic acid corresponds to 
silicic acid and hydrogen stannichloride to hydrogen silicofluoride. 

54. LEAD (Pb = 207-22) 

Lead is obtained from galena , PbS, a widely occurring crystalline 
mineral with a metallic lustre. The sulphide is first converted 
to oxide by roasting in air and the oxide then reduced with coke 
(see p. 178). Lead resembles tin in being a soft metal with a low 
melting point (330°). It lacks the fine white colour of tin and does 
not creak when bent. It is very dense (density 11*4), and is there¬ 
fore used for bullets and shot. Lead pipes are used in plumbing 
and gas-fitting as a flexible connection between the rigid iron pipes 
and the fixed appliances. Among the more important alloys of 
lead are solder (lead and tin) and type metal (lead and antimony), 
used in printing. 

Chemical Properties. Lead is attacked by air and water more 
readily than tin, but the attack is usually confined to forming a 
dull surface layer. On heating, lead melts, and on further heating 
becomes covered with a layer of oxide. Lead comes next to tin in 
the electrochemical series, but differs somewhat in its behaviour 
towards acids. Thus sulphuric acid (unless practically anhydrous) 
does not dissolve it, since lead sulphate is insoluble. Hydrochloric 
acid only attacks lead slowly, as lead chloride is sparingly soluble. 
Lead will, however, dissolve readily in nitric acid, forming lead 
nitrate and evolving oxides of nitrogen. 

PLUMBOUS COMPOUNDS 

Lead forms one series of compounds (plumbous compounds) in 
which it behaves as a divalent metal. Its degree of oxidation is 
2, corresponding to lead oxide, PbO. 

Lead nitrate, Pb(N0 3 ) 2 , is a white, crystalline, soluble salt prepared 
by dissolving lead in nitric acid, 

3Pb + 8HN0 3 3Pb(N0 3 ) 2 + 4H 2 0 + 2NO. 
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Lead acetate (sugar of lead), Pb(CH 3 COO) 2> is also soluble in water. 
It is prepared by dissolving lead oxide in acetic acid, 

PbO + 2 CH 3 COOH -> Pb(CH 3 COO ) 2 + H 2 0. 

It is very poisonous . 

The Lead Ion, Pb ++ . Solutions of lead nitrate and lead acetate 
are ionised and contain lead ions. These lead ions can be pre¬ 
cipitated by many substances, as they form many insoluble com¬ 
pounds. Sulphate ions (e.g., sulphuric acid) precipitate them as white 
insoluble lead sulphate , PbS0 4 (resemblance to barium). Sulphide 
ions (e.g., hydrogen sulphide in not too acid solution) precipitate 
them as black lead sulphide , PbS. Chromate ions (e.g., potassium 
chromate) give a yellow precipitate of lead chromate, PbCr0 4 , used 
as a pigment under the name of chrome yellow. Not too dilute 
solutions of lead ions give with chloride ions (e.g., hydrochloric acid) 
a white precipitate of lead chloride, PbCl 2 , which is sparingly 
soluble in cold water and easily soluble in hot water. Hydroxyl 
ions (e.g., ammonia solution) precipitate the lead ions as white 
lead hydroxide, Pb(OH) 2 , which in boiling solution loses water, 
giving yellow lead oxide, PbO. 

Sodium hydroxide first precipitates the lead ions as lead 
hydroxide, but this substance redissolves in an excess of sodium 
hydroxide, probably forming sodium plumbite, Na + . Pb(0H)0~. 

Pb(OH) 2 + OH- -> Pb(0H)0- + H 2 0 
plumbite ion 

Lead hydroxide can thus behave as an acid. In this alkaline lead 
solution the lead is present in the acid radical as a complex with 
oxygen. It is therefore not precipitated in the presence of sulphate 
ions or chromate ions : in fact, both lead sulphate and lead chromate 
dissolve in sodium hydroxide solution, forming sodium plumbite and 
sodium sulphate (or chromate). When these alkaline solutions are 
acidified, the insoluble lead salt is again precipitated. 

Lead oxide (litharge), PbO, is prepared by heating lead in a 
furnace and blowing in air. It is a yellow solid which is practically 
insoluble in water, but dissolves readily in nitric acid and acetic 
acid, forming lead salts and water. 

White lead is a e£ basic ” lead carbonate containing lead hydroxide, 
which is used as a white pigment. It has a good covering power, 
but is blackened in air containing hydrogen sulphide, and is much 
more poisonous than pigments containing zinc. 

PLUMBIC COMPOUNDS 

In the plumbic compounds lead is tetravalent. The most impor¬ 
tant of these compounds is lead dioxide. 
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Lead dioxide, Pb0 2 , is a dark brown solid. It is insoluble in nitrie 
acid, and with hydrochloric acid it gives lead chloride and chlorine, 
Pb0 2 + 4HC1 PbCl 2 + Cl 2 + 2H a O. 

One-half of its oxygen is thus available for oxidising hydrogen 
chloride to chlorine. It is a very powerful oxidising agent. It 
can be formulated as the anhydride of the unknown plumbic acid, 
H 4 Pb0 4 . 

Red lead, Pb 3 0 4 , is a red powder prepared by heating litharge to 
about 400° in air. It can be formulated as the lead salt of plumbic 
acid, Pb 2 (Pb0 4 ), or alternatively as a compound of lead oxide and 
lead dioxide, 2PbO . Pb0 2 . Two of the lead atoms are divalent and 
one is tetravalent. When treated with nitric acid, lead oxide 
dissolves and brown lead dioxide is left behind, 

2PbO . Pb0 2 + 4HN0 3 Pb0 2 + 2Pb(N0 3 ) 2 + 2H 2 0. 

With hydrochloric acid it is converted to lead chloride and chlorine, 
2PbO . Pb0 2 + 8HC1 3PbCl 2 + Cl 2 + 4H 2 0. 

Thus only one of the four oxygen atoms in Pb 3 0 4 is able to oxidise 
hydrogen chloride to chlorine. 

The human body has a remarkable power of absorbing and 
retaining small amounts of lead. Chronic lead poisoning is the 
result of continued administration of small doses of lead over a 
long period, each single dose being much too small to cause acute 
lead poisoning. The body behaves in exactly the opposite way to 
many poisons, e.g by administering many small amounts of arsenic 
trioxide the body becomes gradually able to withstand larger and 
larger doses of the poison. 

55. REVIEW OP THE TIN GROUP 

The tin group contains the following heavy metals :— 

(Germanium) Tin Lead 

(Ge = 72-60) Sn = 118*70 Pb = 207-20 

These metals have low melting points. They form salts in which 
they behave as divalent metals, but also form compounds in which 
they behave as tetravalent non-metals, thus showing their relation 
to the non-metals of the fourth group (carbon, silicon, etc.). 

THE ANTIMONY GROUP 

The fifth group of heavy metals contains antimony and bismuth. 

56. ANTIMONY (Sb = 121-76) 

Antimony is a white hard brittle metal chiefly used in alloys. The 
addition of antimony to lead and tin makes these metals harder. It is 
trivalent and pentavalent in its compounds. 
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Antimony trioxide, Sb 2 0 3 , possesses both acidic and basic properties. 
With acids it gives unstable antimony salts , in which the antimony 
behaves as a trivalent metal, e.gr., Sb 2 0 3 + 6HC1 —> 2SbCl 3 + 3H 2 0. 
With bases it forms unstable antimonites, in which the antimony occurs 
in the acid radical, e.g. 9 Sb 2 0 3 + 6]STaOH —21STa 3 Sb0 3 + 3H 2 0. 

Antimony pentoxide, Sb 2 0 5 , is markedly acidic. The corresponding 
acid is called antimonic acid, and the salts antimonates. A potassium 
salt having the composition K s H 2 Sb 2 0 7 is used as a test for sodium 
ions (see p. 215), as the corresponding sodium salt is insoluble and 
forms crystals having a characteristic appearance under the microscope. 
Potassium antimonate gives with acids a flocculent precipitate of white 
insoluble antimonic acid, and with most metallic salts it gives amor¬ 
phous precipitates of insoluble antimonates. 

57. BISMUTH (Bi = 209-00) 

Bismuth is a white crystalline metal with a reddish tinge. It is 
used in preparing fusible alloys. Wood's metal , which melts at 68°, 
consists of 15 parts of bismuth, 8 parts of lead, 4 parts of tin and 3 parts 
of cadmium. 

Bismuth is usually trivalent in its compounds. The trioxide, Bi 2 0 3 , 
differs from the corresponding antimony oxide in that it behaves 
entirely as a basic anhydride. 

Bismuth nitrate, (Bi(N0 3 ) 3 ). 'is prepared by dissolving bismuth in 
nitric acid, 

Bi + 4HNT0 3 Bi(N0 3 ) 3 + NO + 2H a O. 

It contains the trivalent bismuth ion, Bi +++ . It is hydrolysed by water 
to give nitric acid and a white precipitate containing both nitrate 
and hydroxyl radicals (“ basic 55 bismuth nitrate). 

Bi(3ST0 3 ) 3 + 2H a O —>-Bi(0H) 2 N0 3 + 21OT0 3 

Since nitric acid is formed in this reaction, the addition of nitric 
acid will suppress the hydrolysis. Bismuth nitrate will therefore 
dissolve to give a clear solution in water containing nitric acid. If a 
concentrated solution of bismuth nitrate is prepared containing just 
enough nitric acid to prevent precipitation of the basic salt, this solution 
will become turbid on adding water, as the nitric acid will be diluted 
so much that it is unable to prevent precipitation. The solution will 
become clear again on adding more nitric acid. 

Bismuth salts give with ammonia solution a white precipitate of 
bismuth hydroxide (Bi+++ -f 3NH 3 + 3H 2 0 Bi(OH) 3 + 3NH 4 +) 
and with hydrogen sulphide a black precipitate of bismuth sulphide 
(2Bi+++ + 3H 2 S Bi 2 S 3 + 6H+). 

In the periodic table antimony and bismuth belong to the nitrogen 
group. Like the non-metals of this group, they have valencies of 
3 and 5. The heavy metals which constitute the corresponding sub¬ 
group (5) are all rare. 


ALLOYS 

An alloy is a composite substance having metallic properties. 
Many metals form alloys on fusing together, and since these alloys 
often possess more valuable properties than the pure metals, they 
are widely used. Thus copper, silver, gold, zinc, tin, lead, antimony 
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are all much used in the form of alloys. Metals will also sometimes 
form alloys with non-metals, but usually only take up a small 
quantity of non-metal. Thus all commercial iron is alloyed with a 
small amount of carbon. 

Structure. An alloy of two metals (a binary alloy) can have 
different types of structure. When examined under the microscope 
it is most often found to consist of two Jcinds of crystals intimately 
mixed. Thus by examining suitably ground and etched surfaces 
of solder (Sn, Pb) under the microscope crystals of tin and lead 
can be distinguished. By treating an alloy of silver and copper in 
the same way crystals of silver and copper can be observed lying 
side by side. On the other hand, in brass (Cu, Zn) and bronze 
(Cu, Sn) the crystals which can be observed under the microscope 
consist of chemical compounds (e.g., Cu 2 Zn 3 , Cu 3 Sn). 

The single kinds of crystals 
do not always consist of 
chemically pure metals or 
chemically pure compounds, 
but often contain some of the 
other constituent in solid solu¬ 
tion. Thus in solder the tin 
crystals contain a trace of lead 
and the lead crystals a trace of 
tin. Sometimes two metals can 
form mixed crystals (solid 
solutions) in all proportions, 
and in this case an alloy of the 
two metals consists of only one 
sort of crystals. Alloys of silver and gold are an example of this kind 
of behaviour. 

Alloys can thus be divided into three groups according to their 
structure:— 

(1) Alloys which consist of a mechanical mixture of the con¬ 
stituents. 

(2) Alloys which contain chemical compounds as one of the 
components of the structure. 

(3) Alloys which consist of homogeneous mixed crystals. 

Melting Point. Alloys usually melt more easily than their com¬ 
ponents. We will examine a little more closely the processes of 
melting and solidifying for an alloy such as solder which consists 
of a mechanical mixture of the two metals fused together. 

Fig. 17 shows graphically the behaviour of solder on melting and 
solidifying. The abscissae are the percentages by weight of lead 
in the alloy and the ordinates are the melting temperatures. In the 
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liquid state tin and lead are miscible in all proportions. Liquid 
mixtures containing less than 36% of lead deposit first tin when 
they begin to solidify. The temperatures at which they begin to 
solidify are given by the curve marked “ Sn separates.” The 
more lead the alloy contains, the lower the temperature at which 
the tin begins to be deposited. Alloys containing more than 36% 
of lead will first deposit lead crystals when they begin to solidify. 
The temperatures at which they begin to solidify are shown in the 
figure by the curve marked “ Pb separates.” The alloy containing 
36% of lead has a lower melting point (181°) than any other alloy 
of the two metals. It is called the eutectic alloy. 

If an alloy containing, e.g., 80% lead and 20% tin is melted 
and then cooled gradually it will begin to deposit crystals of lead 
at 280°. This will cause the liquid metal to contain less and less 
lead, and the melting point will fall steadily. When the lead 
content of the liquid has fallen to 36% the temperature will have 
fallen to the melting point of the eutectic alloy (181°); on further 
loss of heat a mixture of tin and lead having the same composition 
as the eutectic alloy will separate out, and the temperature will not 
fall further until the alloy has completely solidified. It can be 
seen under the microscope that the solidified alloy consists of 
fairly large lead crystals surrounded by eutectic alloy, i.e., a mixture 
of fine crystals of tin and lead. 

The curves in the figure marked 4 6 Sn separates ” and <c Pb 
separates ” show the temperatures at which the various tin-lead 
alloys begin to solidify, and the horizontal line marked “ eutectic 
mixture separates ” shows the temperature at which the alloys 
solidify completely. For most alloys these two temperatures do 
not coincide. Alloys thus do not generally possess a single definite 
melting point, but melt and solidify over a temperature range. 
Only the eutectic alloy has a definite melting point like a pure 
substance. 


THE CHROMIUM GROUP 

The sixth group of heavy metals contains chromium, molybdenum, 
tungsten and uranium, the most important of which is chromium. 

58. CHROMIUM (Cr - 52-01) 

Chromium is a hard white metal with a very high melting point. 
It forms two series of compounds. In the chromic compounds it behaves 
like a trivalent metal (the oxide is basic) and in the chromate compounds 
it behaves like a hexavalent non-metal (the oxide is an acid anhydride). 

CHROMATE COMPOUNDS 

Potassium dichromate, K 2 Cr 2 0 7 , is the most important compound of 
chromium, It is a well-crystallised red salt which ionises to give 
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2 K + + Cr a 0 7 *\ Its aqueous solutions are orange in colour. On 
adding alkali, the colour changes immediately to pure yellow, the red 
dichromate ions reacting with hydroxyl ions to give yellow chromate 
ions , Cr 2 0 7 “ + 20H” —> 2Cr0 4 -+ H a O. If potassium hydroxide 
is the alkali used yellow crystals of potassium chromate , K 2 0r0 4 (2K + . 
Cr0 4 *"), can be obtained by evaporating down the yellow solution. If 
acid is added to a solution of potassium chromate, dichromate is again 
formed and the yellow colour changes back to orange, 2004 ** + 2H + 

->o,o 7 - + h 2 0. 

Potassium dichromate is derived from dichromic acid, H 2 Cr 2 0 7 , 
and potassium chromate from chromic acid, H 2 Cr0 4 . Neither of these 
acids is known in the pure state. If a large amount of concentrated 
sulphuric acid is added to solutions of potassium chromate or dichro¬ 
mate, red crystals of chromium trioxide (chromic anhydride) separate. 
This oxide is the anhydride of the two above acids, 

2H 2 Cr0 4 -H 2 0 = H 2 Cr 2 0 7 
H 2 Cr 2 0 7 - H 2 0 - 2Cr0 3 

Chromates and free chromic acid (especially the latter) have powerful 
oxidising properties, and a mixture of potassium dichromate and 
sulphuric acid (chromic acid mixture) is often used as an oxidising 
agent ( e.g ., in galvanic cells, in preparing acetaldehyde, etc.). 

Lead chromate , PbCr0 4 , is yellow and practically insoluble in water 
and dilute acids. It is used as a pigment under the name of chrome 
yellow. In the analytical detection of lead a precipitate of lead sulphate 
is identified by dissolving it in sodium hydroxide, adding potassium 
chromate and precipitating lead chromate by adding a slight excess 
of nitric acid or acetic acid. 

There are similarities between the compositions and solubilities of 
the chromates and of the sulphates ; e.g., the chromates of barium 
and lead are insoluble like the corresponding sulphates. The dichro¬ 
mates correspond to the pyrosulphates, but differ from them in being 
stable in aqueous solution : the dichromate ion is hardly decomposed 
at all by water into hydrochromate ions (HCr 04 ~) or chromate ions and 
hydrogen ions. 

CHROMIC COMPOUNDS 

In these compounds chromium is trivalent, e.g., chromic chloride is 
CrCl 3 and chromic nitrate Cr(N0 3 ) 3 . The chromic compounds bear a 
certain resemblance to the aluminium salts: thus a violet chromic 
alum (chrome alum) KCr(S0 4 ) 2 > 12H a 0 is formed which corresponds 
exactly to ordinary alum, KA1(S0 4 ) 2 , 12H 2 0. Chromic compounds 
are usually green or violet and are intensely coloured. Chromic salts 
are formed when chromates are reduced in acid solution. Chromic 
acid mixture becomes green when it acts as an oxidising agent, the 
chromic acid being converted to green chromic sulphate. 

The degree of oxidation of chromium in chromate compounds 
corresponds to Cr0 3 , while in chromic compounds it corresponds to 
Cr 2 0 3 . Hence when chromate compounds act as oxidising agents, 
each chromium atom gives 1J atoms of oxygen, 

2Cr0 3 —> Cr 2 0 3 + 30. 

Thus when a mixture of potassium dichromate and sulphuric acid 
gives up oxygen, the process is the following, 
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K 2 Cr a 0 7 + 4H 2 S0 4 —»■ K 2 S0 4 + Cr 2 (S0 4 ) 3 + 4H 2 0 + 30, 
or in ionic form, 

Cr 2 0 7 “ + 8H + —>- 2Cr +++ + 4H 2 0 

59. MOLYBDENUM, TUNGSTEN, URANIUM 

Ammonium molybdate, (NH 4 ) a Mo0 4 , is the ammonium salt of 
molybdic acid, H 2 Mo0 4 , derived from the anhydride molybdenum 
trioxide, MoO a . In acid solution molybdic acid combines with ortho- 
phosphoric acid to form phosphomolybdic acid, a complex acid having 
the composition H 3 P0 4 , 12Mo0 3 , aq. Phosphomolybdic acid forms 
a yellow ammonium salt, (NH 4 ) 3 P0 4 .12Mo0 3 . aq., practically insoluble 
in nitric acid. When an excess of ammonium molybdate is added to 
a solution of phosphoric acid acidified with nitric acid the yellow 
ammonium salt is precipitated : this is used for detecting and estimating 
phosphoric acid (see p. 157). 

Tungsten, W. All the metals of the chromium group melt at a high 
temperature, but tungsten possesses the highest melting point (about 
3,500°). The filaments of electric light bulbs are made of thin wires 
of this metal. They can withstand a very high temperature without 
melting or vaporising, and the higher the temperature to which the 
filament can be raised, the higher the proportion of the electrical 
energy which is converted into light, i.e., the higher the efficiency of 
the bulb. 

Uranium is the rarest metal of the chromium group. It has the 
highest atomic weight of any element (U = 238*14). Uranium has 
especial interest on account of its radioactivity (see p. 235). It is slowly 
transformed (in the course of some thousand million years) through 
several stages into radium, giving off altogether three helium atoms 
(238 — (3 X 4) = 226). Minerals containing uranium, e.g ., pitchblende, 
IJ 3 0 8 , always contain radium and are the most important source for 
preparing radium compounds. 

60. REVIEW OF THE CHROMIUM GROUP 

Chromium Molybdenum Tungsten Uranium 

Or = 52*01 Mo = 96-0 W = 184*0 U = 238*14 

The metals of the chromium group are related to the non-metals of 
the sulphur group by the fact that they all form acids derived from 
the trioxides RO a (e.g., chromic acid, molybdic acid). In these acids 
they are hexavalent like sulphur in sulphuric acid. They can, however, 
also exhibit lower valencies, e.g., chromium is trivalent in the chromic 
compounds. The oxides and hydroxides in which these elements 
have valencies lower than six usually have basic properties and give 
salts with acids. 


THE MANGANESE GROUP 

Manganese is the only member of the seventh group of heavy 
metals which will be dealt with here. 

1 . 0 . 
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61. MANGANESE (Mn = 54*93) 

Manganese occurs naturally chiefly as manganese dioxide , Mn0 2 
( pyrolusite ). 

It forms four important series of compounds, each with its 
characteristic valency and degree of oxidation. 


Oxide. 


Manganous compounds 

MnO (basic) . 

. 2 

Manganese dioxide 

Mn0 2 (neutral) 

. 4 

Manganates 

MnO 3 (acid) . 

. 6 

Permanganates 

Mn 2 0 7 (acid) 

. 7 


As the degree of oxidation increases manganese acquires a more 
and more marked acid-forming character. The same gradation is 
found with the compounds of tin, antimony and chromium. 

MANGANOUS COMPOUNDS 

Manganous sulphate, MnS0 4 , is prepared by heating manganese 
dioxide with sulphuric acid. One-half of the oxygen (the active 
oxygen) is evolved in a free state, 

Mn0 2 + H 2 S0 4 —MnS0 4 + H 2 0 + |0 2 . 

Manganous chloride, MnCl 2 , is prepared by boiling manganese 
dioxide with hydrochloric acid, 

Mn0 2 + 4HC1 MnCl 2 + 2H 2 0 + Cl 2 . 

Eree chlorine is evolved in this reaction, which has previously been 
mentioned as a method for preparing chlorine (p. 54). Manganese 
dioxide reacts more readily with hydrochloric acid than with 
sulphuric acid, as in presence of hydrochloric acid the active oxygen 
is not evolved in the free state, but reacts with the hydrochloric 
acid to give chlorine and water. 

Manganous Nitrate, Mn(N0 3 ) 2 . Manganese dioxide does not 
react with nitric acid, and if these two substances are heated 
together the nitric acid evaporates off before the reaction tempera¬ 
ture has been reached. If, however, a reducing agent such as 
oxalic acid is added to remove the active oxygen, manganous 
nitrate is readily formed, 

Mn0 2 + 2HN0 3 + (C00H) 2 -^Mn(N0 3 ) 2 + 2H 2 0 + 2CO a . 

The Manganous Ion, Mn ++ . All the manganous salts mentioned 
above contain the divalent manganous ion, which resembles the 
zinc ion hut is pale pink in colour. Manganous salts are very stable 
in acid solution, but in alkaline solution they are readily oxidised 
to hydrated manganese dioxide. On adding alkalies to a solution 
containing manganous ions white manganous hydroxide (Mn(OH) 2 ) 
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is first precipitated, but is oxidised slowly by the air (or more rapidly 
by adding bromine water) to brown hydrated manganese dioxide, 

MA(OH) 2 + 0 Mn0 2 , H 2 0 

Mn(OH) 2 + Br 2 + 20H" Mn0 2 , H 2 0 + 2Br~ + H 2 0 

MANGANESE DIOXIDE 

Manganese dioxide, Mn0 29 is a black solid which is insoluble in 
water, alkalies and dilute acids (with the exception of hydrochloric 
acid and other reducing acids). It occurs naturally as the mineral 
pyrolusite, and is used for preparing manganese compounds and 
as an oxidising agent (e.g., for preparing chlorine and in dry cells). 

MANGANATES 

Potassium manganate, K 2 Mn0 4 , is a salt of manganic acid , 
H 2 Mn0 4 . It is prepared by igniting manganese dioxide with 
potassium hydroxide in the presence of air, 

MnO a + 2K0H + 0 -> K 2 Mn0 4 + H 2 0. 

It is a dark green salt readily soluble in water. 

All manganates possess the same green colour as potassium 
manganate, the colour being due to the manganate ion, Mn0 4 = , 
which they all contain. The manganate ion resembles the sulphate 
ion (S0 4 = ) in its formula and the solubilities of its salts. The 
colour of the manganate ion is so intense that the presence of very 
small amounts of manganese in a substance can be detected by 
fusing it with a mixture of sodium carbonate and sodium nitrate 
(fusion mixture) and observing whether a green mass is formed, e.g., 

Mn0 2 Na 2 C0 3 + NaN0 3 ->• Na 2 Mn0 4 + C0 2 NaN0 2 . 

In the manganates the degree of oxidation of the manganese is 6 
(corresponding to the oxide Mn0 3 ). 

When an acid is added to a green manganate solution it imme¬ 
diately turns red and at the same time deposits a brown precipitate. 
The green manganate ions react immediately with hydrogen ions, 
forming red permanganate ions (Mn0 4 ~) and brown hydrated 
manganese dioxide, 

3Mn0 4 = + 4H+ -v 2Mn0 4 - + Mn0 2 , H 2 0 + H 2 0. 

In this process a manganate ion gives up two equivalents of oxygen 
to two other manganate ions, being itself reduced to manganese 
dioxide and oxidising the other two manganate ions to perman¬ 
ganate ions. 
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PERMANGANATES 

Potassium permanganate, KMn0 49 is a salt of permanganic acid, 
HMn0 4 . It is obtained by passing chlorine into a solution of 
potassium manganate and evaporating down the solution, 

K 2 Mn0 4 + Cl -> KMn0 4 + KCl, 

or in ionic form, 

Mn0 4 « + Cl Mn0 4 ~ + Cl~ 

By the action of the chlorine the manganese is oxidised from the 
degree of oxidation 6 (MnO s ) to the degree of oxidation 7 (Mn 2 0 7 ). 
For this oxidation each atom of manganese requires one equivalent 
of oxygen, 

Mn0 3 + |0 = -|Mn 2 0 7 . 

This equivalent of oxygen is obtained from the chlorine, which 
passes from the free state (degree of oxidation 0) to HC1 (degree of 
oxidation — 1), thus liberating one equivalent of oxygen per chlorine 
atom, 

iCl 2 + i-H 2 0=HCl + |0. 

Potassium permanganate forms dark crystals with a charac¬ 
teristic greenish surface lustre, which dissolve in water to give an 
intensely red or purple solution. It is a powerful oxidising agent , 
e.g ,, it will oxidise sulphur dioxide to sulphuric acid, ferrous salts 
to ferric salts, and many organic substances (e.g., oxalic acid) to 
carbon dioxide and water. In acid solution these oxidations take 
place according to the following equations : 

5S0 2 + 2Mn0 4 - + 2H 2 0 5S0 4 = + 2Mn++ + 4H+ 

- MnO 4 - + 8H+ -* 5Fe+++ + Mn++ + 4H 2 0 
5H 2 C 2 0 4 + 2Mn0 4 - + 6H+ -> 10CO 2 + 2Mn++ + 8H 2 0 

Potassium permanganate is used for estimating organic matter in 
water. The water is boiled with an excess of potassium permanganate 
and sulphuric acid, and the more permanganate it reduces the more 
organic matter it contains, i.e., the less suitable it is for use as 
drinking water. 

Besides organic matter, natural water occasionally contains ferrous 
salts, hydrogen sulphide or nitrites which will reduce permanganates. 

When permanganates (Mn0 4 ~) oxidise in acid solution they are 
reduced to manganous salts (M!n ++ ), which are the most stable 
manganese compounds in acid solution. In this process the perman¬ 
ganate gives up five equivalents of oxygen per manganese atom, 
the degree of oxidation falling from 7 to 2. This is shown by the 
formal equation 


pin 2 0 7 = MnO + #0. 
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When permanganates oxidise in alkaline solution they are 
reduced first to green manganates and then to brown hydrated 
manganese dioxide, which is the most stable manganese compound 
in alkaline solution. In this process the manganese gives up three 
equivalents of oxygen per manganese atom, the degree of oxidation 
falling from 7 to 4. This is shown by the formal equation 

!Mn 2 0 7 = Mn0 2 + 1 JO. 

On account of the varied colour changes which potassium perman¬ 
ganate can undergo it has been termed the chemical chamceleon. 

The formulae of the permanganates are analogous to those of the 
perchlorates, and it is through the permanganates (in which it is 
heptavalent) that manganese shows its relation to the halogen 
group of the periodic table. 

THE IRON GROUP 

The eighth group of heavy metals contains iron, cohalt, nickel, 
platinum and a number of rare metals which accompany platinum 
(the so-called platinum metals), 

62. IRON (Fe = 55-84) 

Occurrence. Iron occurs very widely in the earth’s crust. It 
occurs as ferric oxide , Fe 2 0 3 (in haematite), as ferroso-ferric oxide, 
Fe 3 0 4 (in magnetite ), as ferric hydroxide, Fe 2 0 3 , crH 2 0 (in bog iron 
ore and ochre), as ferrous carbonate, FeC0 3 (in spathic iron ore and 
clay ironstoiie ), and finally as iron pyrites, FeS 2 . It is present in 
small quantities in practically all naturally occurring objects and 
in all living matter. The red colouring matter of the blood {haemo¬ 
globin) is an organic compound of iron. 

Iron is a white metal with a very high melting point (1,600°) 
and a density of about 8. It is strongly magnetic, and this property 
is present (though to a lesser degree) in most of its compounds. 
In a pure state it is quite soft and tough and at red heat it can be 
worked and welded. Like other metals, when worked cold it 
becomes brittle, but it can be softened again by annealing. The 
properties of iron are greatly affected by the addition of small 
quantities of other substances. If it contains more than 0*5% of 
carbon it can be hardened by heating to redness and plunging into 
cold water. This treatment makes it as hard and as brittle as 
glass. If it contains more than 2% of carbon it cannot be worked, 
as even at red heat it is so hard and brittle that it will break when 
struck. 
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Phosphorus (even in small amounts) makes iron brittle -when cold (cold¬ 
short), while a small content of sulphur makes it brittle when hot 
(hot-short). 

Chemical Properties . Iron rusts when exposed to the atmosphere, 
taking up oxygen and water to give brown ferric hydroxide, 

2Ee “1" 30 ~T £t® 2 0 —>• Fe20 3 , sdlgO. 

On heating iron to redness in air it is covered with a scale of oxide, 
which cracks off on working (hammer scale). In the electrochemical 
series iron comes above hydrogen, but not as high as zinc. It 
dissolves readily in dilute acids with the evolution of hydrogen 
(Fe + 2H+—>Fe ++ + H 2 ) : thus dilute sulphuric acid gives a 
solution of ferrous sulphate and dilute hydrochloric acid a solution 
of ferrous chloride. Dilute nitric acid will also attack iron, but on 
account of the oxidising action of nitric acid oxides of nitrogen are 
evolved instead of hydrogen, and ferric nitrate is obtained instead 
of ferrous nitrate, 

Fe + 4HH0 3 -> Fe(N0 3 ) 3 +m + 2H 2 0. 

Concentrated nitric acid will not attack iron : on the contrary it 
makes it passive , so that it is subsequently only attacked with diffi¬ 
culty by dilute nitric acid. This passivity disappears if the iron is 
touched with a piece of zinc when immersed in the acid. Iron is in 
general quite resistant to attack in the absence of water. Concentrated 
sulphuric acid can be kept in cast iron vessels, and liquid chlorine (if 
quite anhydrous) can be transported in iron cylinders. 

The Rusting of Iron. Iron rusts rapidly in moist air, and especially 
rapidly when there is so much moisture that drops of water collect 
on the metal. The formation of rust is accelerated by the presence 
of carbon dioxide and other acid substances, and retarded by 
basic substances such as cement. Bust already formed does not 
protect the iron, but increases the velocity with which the iron 
rusts. Iron can therefore become deeply corroded with rust in a 
short time. Iron is protected against rusting by painting it with 
oil paint or by coating it with another metal, e.g., nickel or chromium 
on cycle and automobile fittings, tin on kitchen utensils and milk 
pails, and zinc on large articles (galvanised iron). 

In practice iron is most commonly protected from rusting by 
means of oil paint. Since paint is somewhat permeable to moisture 
and air, the protection is far from complete. 

A number of different factors govern the behaviour of different 
metals as coatings for iron. In the first place, the lower the position 
of a metal in the electrochemical series ( i.e. 9 the more noble it is), the 
less readily it is generally attacked by the atmosphere. There is, 
however, an important type of phenomenon often observed when two 
metals are in contact: on account of galvanic action the attack is 
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concentrated, on the less noble metal, which is corroded more than 
usual, while the other metal is thereby protected and corrodes less 
than usual. Tin and nickel come after iron in the electrochemical 
series, and in agreement with this fact tin-plated and nickel-plated 
articles retain their lustre much longer than unprotected iron articles. 
If, however, cracks or holes appear in the tin or nickel plating, the iron 
will rust more rapidly than usual at these points, and as the rust 
spreads the protective metal coating will peel off. Zinc comes before 
iron in the electrochemical series, and articles coated with zinc rapidly 
acquire a dull and unattractive appearance. However, the basic zinc 
carbonate formed protects the zinc well against further attack, and 
the zinc coating can last a long time. Even if holes are formed in the 
coating the exposed iron only rusts slowly, since on account of galvanic 
action the corrosion is concentrated on the zinc as long as any of that 
metal remains. 

The Manufacture of Iron and Steel. The Extraction of 
Iron from its Ores. The best ores for the extraction of iron are 
magnetite and pure forms of haematite, both of which contain a 
high percentage of iron. Large quantities of such ores are found 
in Sweden. The English and German ores usually contain ferrous 
carbonate or hydrated ferric oxide. The latter class often contain 
so much impurity that they are not suitable for iron extraction. 

Iron is extracted by mixing the ore with coke and smelting it 
in an air blast in a blast furnace. At the high temperature of the 
interior of the furnace the coke removes the oxygen from the iron 
oxides in the ores and the liberated iron collects in a molten state 
at the bottom of the furnace, covered with a layer of liquid slag. 
The iron is run off at intervals. The slag contains the impurities in 
the ore and the ash from the coke. If these constituents are infusible, 
other substances (limestone, quartz) must be added in order to 
obtain a liquid slag. A modern blast furnace produces several 
hundred tons of iron per day. 

The chemical changes in the blast furnace are roughly as follows. 
Heated air (the “ blast ”) enters at the bottom of the furnace and 
reacts with the hot coke to give first carbon dioxide and then carbon 
monoxide (see p. 177). The carbon monoxide then reduces the ore, e.g., 

Fe 2 0 3 + 3CO ^ 2Fe + 3C0 2 . 

This reaction is reversible, and carbon monoxide must therefore be 
present in excess. The furnace gases therefore contain a large amount 
of carbon monoxide (about 25%), and are used as a fuel (partly for pre¬ 
heating the air blast). 

Pig Iron, Cast Iron. The crude iron obtained from the blast 
furnaces is known as pig iron or cast iron. It always contains 
several per cent, of carbon and may contain many other impurities, 
e.g., silicon and phosphorus. On account of the impurities it 
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contains it melts at a lower temperature (ca. 1,100°) than pure iron. 
It is very brittle and is non-mcdleable. Most cast iron is converted 
to malleable varieties of iron by special refining processes, but 
some of it is used in foundries for making stoves, and other articles 
where no great mechanical strength is necessary and the brittleness 
of cast iron does not matter. 

Malleable Iron. Cast iron is the cheapest form of iron. To 
convert it into the more valuable malleable iron the impurities 
must be removed. This is done by melting the cast iron and 
burning away the carbon and other impurities by passing in air. 
The carbon goes off as oxide, while the silicon forms a slag as 
silica or silicates. Phosphorus burns to the oxide, but this only 
takes place completely if lime is added so that the oxidised phos¬ 
phorus can form a slag of calcium phosphate (basic slag). 

If cast iron is refined at such a high temperature that the malle¬ 
able iron is obtained as a liquid, it separates from the slag and a 
very uniform product is obtained. Commercially, all malleable iron 
prepared in a liquid state is termed steel. Nowadays most malleable 
iron is prepared in this way, but at one time it was not possible to 
work at such a high temperature that the product remained liquid. 
It was obtained in a semi-solid form and freed from slag by laborious 
mechanical treatment and hammering. This process is still used 
to some extent, the product being known as wrought iron. 

Malleable iron which contains 0*5% of carbon or more can be 
hardened by heating it to redness and plunging it into cold water. 
Steel which contains so little carbon that it cannot be hardened is 
known as mild steel. 

The Uses of Malleable Iron. Mild steel is used for steel girders 
in building, for boiler plates and plates in ship building, for railway 
lines, and for iron wire, rod and band. Hard steel is used for fire¬ 
arms, armour plate, tools and other articles, e.g scissors, spades, 
ploughshares, etc. Wrought iron is used for forging, as it can be 
welded together. 

The following are the most important processes for preparing’ 
steel:— 

In the Bessemer process air is blown through molten crude iron 
in a Bessemer converter. The crude iron used must contain a large 
amount of silicon and carbon. The combustion of the carbon (and 
more particularly of the silicon) evolves so much heat that the 
temperature rises several hundred degrees, and the iron therefore 
remains in a molten condition although its melting point rises as 
the impurities burn away. The iron used must not contain much 
phosphorus, as in this process it is impossible to burn the phosphorus 
off completely without simultaneously oxidising a large amount of 
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iron. The usual Bessemer converters contain about 15 tons of iron, 
which is converted to steel in 20-30 minutes. 

The Thomas-Gilchrist process resembles the Bessemer process 
except that lime is added, thereby converting the phosphorus 
completely to slag. This process can therefore be carried out with 
cheap iron rich in phosphorus, which could not be treated by the 
original Bessemer process. The slag obtained in the Thomas- 
Gilchrist process (containing calcium phosphate) is used in a finely 
ground state as a phosphate fertiliser under the name of basic slag 
(see p. 156). 

In the Siemens-Martin or open hearth process crude iron is fused 
with scrap iron and steel in a special gas-fired furnace. The heat 
contained in the issuing gases is used to pre-heat the secondary air 
(regenerative firing). Care is taken to maintain an oxidising flame 
in the furnace by using a large amount of secondary air, so that 
the impurities in the iron are oxidised and either volatilised or 
converted to slag. The importance of the open hearth process lies 
in the fact that it can deal with waste scraps of malleable iron. 

Crucible steel is prepared by fusing other kinds of steel in small 
crucibles. It is very homogeneous and can be made with a very 
constant composition. It is used for high-grade tools. 

Many special steels are made by adding other substances to the 
steel, thus giving it more valuable properties. Stainless steels are 
made by adding chromium, and are used for knives and instruments. 
The addition of nickel gives the tough nickel steels, used for armour 
plate and firearms. The addition of tungsten and a little chromium 
gives the so-called high-speed steels, which retain their hardness 
even if their temperature rises to red heat when in use. 

Hardening and Tempering. The usefulness of hard steel for 
making tools depends on the fact that it can be given a suitable 
hardness for any particular purpose by hardening and subsequent 
tempering. An article which has been hardened by heating to red 
heat and plunging into cold water is too hard and brittle for most 
purposes, but its hardness and brittleness can be partly removed 
by heating to a temperature of a few hundred degrees. This process 
is known as tempering , and the temperature reached is often esti¬ 
mated by the colour to which the polished iron surface tarnishes 
(owing to the formation of a thin film of oxide). 

Razors are tempered to a light yellow colour (225°), pocket knives 
to dark yellow (245°), scissors to brown (260°), table knives to purple 
(270°), watch springs to blue (290°) and saw blades to dark blue (320°). 

The Theory of Hardening. The carbon in iron can be present 
in different forms. In the first place it may separate out as graphite 
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crystals or amorphous carbon , The usual grey colour of cast iron is 
due to the graphite present. In the second place it may be present 
as white metallic crystals of cementite , a compound of iron and 
carbon having the formula Fe s C. Finally, it may form solid solu¬ 
tions with the iron, which are very hard. 

When steel containing carbon is heated above 750°, the carbon 
is present as a solid solution. On slow cooling the carbon separates 
out as crystals of cementite, leaving soft iron free from carbon. 
On sudden cooling in cold water it does not have time to crystallise 
out as cementite, but remains dissolved as a solid solution, thus 
making the steel very hard. In tempering the solid solutions are 
transformed in varying degrees to cementite. 

The Valency of Iron. Iron is divalent in the ferrous compounds 
and trivalent in the ferric compounds . In a few cases (e.gr., in iron 
pyrites, FeS 2 ) it appears to have a still higher valency. 

FERROUS COMPOUNDS 

Ferrous compounds resemble manganese compounds in their 
formulae and solubilities. They are usually pale green in colour. 

Ferrous sulphate (formerly called green vitriol), FeS0 4 , is prepared 
by dissolving iron in dilute sulphuric acid. On evaporating down 
the solution pale green hydrated crystals (FeS0 4 .7H 2 0) separate 
out. Ferrous sulphate is used in agriculture for destroying weeds. 
Many weeds are killed by spraying with a dilute solution of ferrous 
sulphate, while cereals are not seriously affected by this treatment. 
Ferrous sulphate is oxidised slowly by the air, giving brown insoluble 
basic ferric sulphate, 

2FeS0 4 + 0 + H 2 0 -> 2Fe(0H)S0 4 . 

This is the reason that ferrous sulphate crystals often have brown 
spots, and that ferrous sulphate solutions deposit a brown precipitate 
on standing. The addition of a small proportion of sulphuric acid 
will prevent the formation of a precipitate by forming soluble 
normal ferric sulphate, and also reduces the velocity of oxidation, 
2FeS0 4 + *0 2 + H 2 S0 4 -> Fe 2 (S0 4 ) 3 + H 2 0. 

The Ferrous Ion, Fe. ++ A solution of ferrous sulphate contains 
the iron as the pale green hydrated ferrous ion. The presence of 
the ferrous ion in solution is detected by the formation of a pre¬ 
cipitate of Prussian blue with potassium ferricyanide (see p. 180). 
Ferrous ions are precipitated by hydroxyl ions as ferrous hydroxide 
(Fe(OH) 2 ), by phosphate ions as ferrous phosphate (Fe 3 (P0 4 ) 2 ) 
and by sulphide ions as ferrous sulphide (FeS). With cyanide ions 
the complex ferrocyanide ion is formed, 

-6CN-- 
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Ferrous hydroxide, Fe(OH) 2 , is white, but oxidises very rapidly in 
the air, first becoming green and finally giving brown ferric hyclrQ.xide 7 
2Fe(OH) 2 + |0 2 + H 2 0 -» 2Fe(OH) 8 . # 

Ferrous phosphate, Fe 3 (P0 4 ) 2 , is soluble in acids (even as weak 
as acetic acid). Hence in analysis when iron is to be precipitated 
with sodium phosphate in presence of acetic acid and sodium 
acetate (see p. 127) it must be present as a ferric salt and not as a 
ferrous salt. 

Ferrous sulphide , FeS, is obtained as a black precipitate readily 
soluble in acids. The ferrous sulphide used for preparing hydrogen 
sulphide (see p. 76) is prepared by fusing together iron and sulphur. 

Ferrous carbonate , FeC0 3 , occurs naturally as a mineral (spathic 
iron ore). Like calcium carbonate (see p. 231), it will dissolve in 
water containing carbon dioxide, forming the hydrogen carbonate, 
FeC0 3 + C0 2 H 2 0 ■ 2HC(V 

and often occurs in this form in spring water, giving it an unpleasant 
taste. When the water is exposed to the action of the air the ferrous 
salt is oxidised and the iron is precipitated as rust-coloured ferric 
hydroxide, 

2Fe ++ + 4HC0 3 - + 0 + H 2 0 2Fe(OH) 3 + 400,. 

Clay which has not been exposed to the air is often blue or grey 
in colour, owing to the presence of ferrous silicate or ferrous carbo¬ 
nate. When it is dug up and exposed to the oxidising action of 
the air it becomes yellow or brown, the ferrous salts being oxidised 
to ferric hydroxide. 

Potassium ferrocyanide, K 4 Fe(CN) 6 , is a complex salt (see pp. 94, 
180). Its solutions give none of the reactions of the ferrous ion, 
e.g no Prussian blue with potassium ferricyanide, no ferrous 
hydroxide with sodium hydroxide, no ferrous phosphate with 
sodium phosphate, and no ferrous sulphide with ammonium sulphide. 
It contains the iron as the very stable ferrocyanide ion, Fe(CN) 6 ““, 
which is the anion of hydroferrocyanic acid , H 4 Fe(CN) 6 . 

FERRIC COMPOUNDS 

The ferric compounds resemble the aluminium and the chromic 
compounds in their formulae and solubilities. They are often yellow 
or brown in colour. 

Ferric sulphate, Fe 2 (S0 4 ) 3} is prepared by oxidising ferrous 
sulphate in a solution containing sulphuric acid, 

2FeS0 4 + H 2 S0 4 -f 0 -> Fe,(S0 4 ), + H 2 0, 
or in ionic form, 

■ + 2H+ + 0 -> 2Fe+++ + H 2 0. 
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Nitric acid is a convenient oxidising agent, as the nitrogen oxides 
formed go off as gases, and the excess of nitric acid can be evaporated 
off. Ferric sulphate can thus easily be obtained pure. With ammo¬ 
nium sulphate it forms iron alum , (NH 4 ) 2 S0 4 , Ee 2 (S0 4 ) 3 , 24H 2 0, 
or more simply, NH 4 Fe(S0 4 ) 2 ,12H 2 0. Iron alum is well crystallised 
and almost colourless. It is not a complex salt, but contains ferric 
ions, sulphate ions and ammonium ions (cf. aluminium and chro¬ 
mium). 

Ferric chloride, FeCl 3 , is prepared by dissolving iron in hydro¬ 
chloric acid and oxidising the ferrous chloride thus formed with free 
chlorine, 

2FeCl 2 + Cl 2 ->2FeCl 3 , 

or in ionic form, 

2Fe++ + Cl 2 -> 2Fe +++ + 2CK 

On evaporating down the brownish yellow solution it is obtained 
as a brownish yellow deliquescent crystalline solid containing 
water. Ferric chloride is used for stopping bleeding in small 
injuries. 

Ferric hydroxide, Fe 2 0 3 aq.., is prepared by precipitating ferric 
salts with bases. It is formed when iron rusts and when ferrous 
carbonate is oxidised. It is,obtained in these different reactions 
as a brown amorphous precipitate of varying composition. Ferric 
hydroxide having the normal composition Fe(OH) 3 (Fe 2 0 3 , 3H 2 0) 
is unstable, and loses a certain amount of water immediately it is 
precipitated. On igniting it loses all its hydrogen as water and 
leaves ferric oxide , Fe 2 0 3 , which is used as rouge for polishing. A 
number of common pigments (e.g., red ochre, Venetian red, Indian 
red) consist of ferric oxide or hydroxide, the shade of colour depend¬ 
ing very much on the composition and method of preparation. 

Ferric hydroxide is a very weak base. It is quite unable to take 
hydrogen ions from a weak acid like carbonic acid, and even its 
compounds with strong acids are unstable in aqueous solution, 
being partly hydrolysed to free acid and dark brown compounds 
containing hydroxide or oxide. Dilute solutions of ferric chloride 
and ferric sulphate become darker and darker on heating, on 
account of progressive hydrolysis, and finally give a precipitate of 
ferric hydroxide. Ignoring the hydration of the ions, the process 
can be roughly written as follows:— 

Fe+++ + H 2 0 -> FeOH++ + H+ 

FeOH++ + H 2 0 -> Fe(OH) 2 + + H+ 

Fe(OH) 2 + + H 2 0-> Fe(OH) 3 +H+ 

Freshly precipitated ferric hydroxide will dissolve in a very small 
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amount of hydrochloric acid (or ferric chloride), forming a dark brown 
colloidal solution. The hydrochloric acid (or ferric chloride) has a 
peptising action (see p. 204). 

The ferric ion, Fe +++ , is hydrated with 6H 2 0 like the aluminium 
ion. It is colourless in the hydrated state (cf. the colourless nature 
of ferric alum). It gives a precipitate of Prussian blue with potas¬ 
sium ferrocyanide (see p. 180), which is used for detecting it. In a 
solution containing acetic acid and sodium acetate it gives with 
sodium phosphate an almost white precipitate of ferric phosphate 
(see p. 299), 

Fe+++ + HP0 4 = + CH 3 C00--^PeP0 4 + CH 3 COOH. 

With bases it gives a precipitate of ferric hydroxide. The ferric 
ion has a greater tendency to form complex compounds than the 
ferrous ion. With cyanide ions it forms the very stable ferricyanide 
ion, Fe(CN) 6 ~, and also forms complexes with most organic acids. 
It forms purple (sometimes blue or green) complex compounds 
with phenols and certain other organic hydroxy-compounds. 

Potassium ferricyanide , K 3 Fe(CN) 6 , is a dark red crystalline 
complex salt. Its complex nature is shown by the fact that it 
gives none of the reactions of ferric ions, e.gr., no Prussian blue with 
potassium ferrocyanide and no ferric hydroxide with alkalies. 
It is ionised according to the equation 

K 3 Fe(CN) 6 -> 3K+ + Fe(CN) 6 s . 

INTERCONVERSION OF FERROUS AND FERRIC COMPOUNDS 

In the ferrous compounds the degree of oxidation of the iron 
corresponds to the oxide FeO, while in the ferric compounds it 
corresponds to Fe 2 0 3 . The equation for the interconversion of 
these two compounds is 

2FeO -J- O — > Fe 2 0 3 . 

The oxidation of one iron atom from the ferrous state to the ferric 
state thus requires half an atom (i.e. } one equivalent) of oxygen : 
conversely, one equivalent of oxygen must be removed for every 
iron atom which is reduced from the ferric to the ferrous state. 
This is a particular case of the general rule that in order to increase 
the valency of a metal by one , one equivalent of oxygen is needed per 
metal atom. 

Example 1 . In the presence of sulphuric acid, one atom of 
oxygen will convert two molecules of ferrous sulphate to ferric 
sulphate, 

2FeS0 4 + H 2 S0 4 + 0 -> Fe 2 (S0 4 ) 3 + H 2 0. 

Example 2. When two molecules of nitric acid are converted 
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to nitric oxide they lose three atoms of oxygen, and hence can 
oxidise six molecules of ferrous sulphate to ferric sulphate in the 
presence of sulphuric acid, 

6FeS0 4 + 3H 2 S0 4 + 2HN0 3 -> 3Ee 2 (S0 4 ) 3 + 2NO + 4H 2 0. 

In general, a nitrate ion can oxidise three ferrous ions to ferric ions 
in acid solution, 

3Fe++ + 4H+ + N0 S - 3Fe+++ + 2H 2 0 + NO. 

Example 3. One molecule of chlorine is equivalent as an oxidising 
agent to one atom of oxygen, 

Cl* + H 2 0 2HC1 + 0 

and can therefore oxidise two molecules of ferrous chloride to ferric 
chloride, 

2EeCl 2 + Cl 2 2FeCl 3 . 

Or, more generally, two ferrous ions to ferric ions, 

2Fe ++ + Cl 2 —> 2Fe +++ + 2C1”. 

j Example 4. One molecule of hydrogen sulphide will take up 
one atom of oxygen, 

H 2 S + 0 -> H 2 0 + S 

and will therefore reduce two molecules of ferric chloride to ferrous 
chloride, 

2FeCl 3 + H 2 S -> 2FeCl 2 + 2HC1 + S 
or, more generally, two ferric ions to ferrous ions, 

> 2Fe++ + 2H+ + S. 

Ferrous compounds have a considerable tendency to take up 
oxygen, giving ferric compounds : hence ferrous compounds can 
be used as reducing agents in many cases. Thus ferrous salts will 
reduce nitric acid to nitric oxide, gold salts to metallic gold, chlorine 
to chloride ion, etc. There is, however, also a tendency for ferric 
compounds to oxidise readily oxidisable substances , giving ferrous 
compounds. Thus ferric salts will oxidise hydrogen sulphide to 
free sulphur. 

The Effect of Acids and Bases on the Oxidation of Ferrous Compounds . 
If normal ferric salts are to be obtained by the oxidation of ferrous 
salts acid must be present, as the normal ferric salts contain one more 
equivalent of acid radical per iron atom than do the ferrous salts. 
This fact is illustrated by the examples given above. It must not, 
however, be thought that ferrous compounds are most readily oxidised 
in acid solution, since actually the reverse is the case. Ferrous salts 
are fairly stable in the presence of strong acids, e.g in presence of free 
sulphuric acid ferrous sulphate is only oxidised slowly to ferric sulphate 
by atmospheric oxygen. In the presence of basic substances ferrous 
salts are usually very unstable, e.g., in presence of calcium carbonate 
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ferrous sulphate is oxidised rapidly by atmospheric oxygen to ferric 
hydroxide, calcium sulphate and carbon dioxide being simultaneously 
formed. 

Iron pyrites, FeS 2 , occurs widely in nature, partly as a heavy, 
compact mineral resembling brass, and partly as fine particles. It 
is insoluble in water and dilute acids. When exposed to the moisture 
and oxygen of the atmosphere it weathers slowly to ferrous sulphate 
and sulphuric acid, 

FeS 2 + H 2 0 + f0 2 -> Fe++ + 2H+ + 2S0 4 =. 

If the water containing the products of weathering comes into 
contact with calcium carbonate (limestone), then in the absence of 
oxygen the following reaction takes place, 

Fe++ + 2H+ + 2S0 4 = + 2CaC0 3 Fe++ + 2HC0 3 ~ + 2CaS0 4 . 
This explains the frequent occurrence of iron in spring water. In 
presence of oxygen the ferrous ion is oxidised further and rust- 
coloured ferric hydroxide is precipitated, 

2Fe ++ + 4HC0 3 - + i0 2 + H 2 0 ^ 2Fe(OH) 3 + 4C0 2 . 
Dissolved iron can therefore be removed from water by passing in 
air and letting the ferric hydroxide formed settle. 

Iron pyrites is used on a very large scale for the manufacture 
of sulphuric acid (see p. 81). When burnt it gives ferric oxide 
and sulphur dioxide, the latter substance being converted to 
sulphuric acid by oxidation. Iron pyrites is not used for the extrac¬ 
tion of iron. 


63. NICKEL (Ni = 58*69) 

Nickel resembles iron in being a white magnetic metal with a high 
melting point. It has a fine lustre and is attacked only very slowly 
by the atmosphere. It is used in considerable quantities for nickel- 
plating iron articles, and for alloys, e.g ., German silver (nickel, copper, 
zinc) and nickel steel (nickel, iron). It is used as a catalyst for the 
hydrogenation of organic substances, e.g ., the hardening of oils and 
fats (see p. 46). 

Nickel salts are green when hydrated, and contain the divalent 
nickel ion (Ni ++ ). Their solubilities resemble those of the ferrous salts. 

Nickel-plating is carried out electrolytically. The article to be plated 
is made the cathode in a bath containing nickel sulphate, and a plate 
of pure nickel is used as the anode. The current deposits nickel on 
the article, and simultaneously nickel goes into solution from the 
anode. The composition of the bath thus remains unchanged, and 
it can be used again. 


64. COBALT (Co = 58-94) 

Cobalt bears many resemblances to nickel, both as free metal and 
in combination. 

The cobaltous salts are red when hydrated and blue when anhydrous. 
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They contain divalent cobalt. A cobaltous silicate known as smalt is 
much used as a blue pigment in the manufacture of glass and porcelain. 
Another type of cobalt compound is 

Sodium cobaltinitrite, Na 3 Co(N0 2 ) 6 , which contains trivalent cobalt. 
This is seen most clearly by writing its formula 3NaN0 2 , Co(N0 2 ) 3 . 
It is a brownish yellow soluble complex salt which ionises according to 
the equation 

Na 3 Co(N0 2 ) 6 3Na+ + Co(N0 2 )<r. 

Its solutions decompose on warming, giving cobaltous salts. The 
corresponding potassium salt is yellow and insoluble in water. This 
fact is used in testing for potassium ions (see p. 221). 


65. PLATINUM (Pt = 195-23) 

Platinum is a white metal with a very high density (21-4) and a 
very high melting point (about 1,800°). It is not oxidised by 
heating in air and is not attacked by acids, with the exception of 
aqua regia (see p. 142). On account of its resistance to chemical 
attack and its high melting point, crucibles and dishes of platinum 
are much used in chemical work. 

On account of the high cost of platinum, platinum apparatus must 
be treated with great care. It should especially be remembered that 
platinum is dissolved by aqua regia and liquids which contain or 
evolve chlorine, and that at high temperatures it is damaged by most 
metals, e.g., lead and tin (though not by nickel and iron), and by 
phosphorus and sulphur. Platinum crucibles should therefore never 
be used for fusing mixtures which can produce readily fusible metals 
or phosphorus, e.g., mixtures of lead compounds or phosphorus com¬ 
pounds with carbon. 

Platinum has almost the same coefficient of expansion as glass 
and porcelain, and can therefore be sealed into these materials, 
a property which is made use of in making electric light bulbs and 
scientific instruments. 

Platinum acts as a catalyst for many chemical processes, especially 
when in a finely divided state (as platinum sponge or platinum 
black). Thus hydrogen combines with oxygen at ordinary tempera¬ 
tures in presence of platinum sponge (see p. 51). Platinised 
platinum, i.e., platinum which has been coated electrolytically 
with a thin layer of black finely divided platinum (platinum black), 
is used for preparing hydrogen electrodes. Platinum is also used 
industrially as a catalyst in the preparation of sulphur trioxide 
(p. 81) and the oxidation of ammonia to nitric acid (p. 141). 

Platinum is divalent in the platinous compounds, and tetravalent 
in the platinic compounds. 
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Chloroplatinie acid, H 2 PtCl 6 , contains tetravalent platinum. It 
is formed when platinum is dissolved in aqua regia, 

Pt + 2HC1 + 2C1 2 H 2 PtCl 6 

and is obtained as reddish brown crystals by evaporating down 
the solution. It is a strong acid, and ionises in aqueous solution 
according to the equation 

H 2 PtCl 6 -> 2H> + PtCl 6 = 

On heating it loses hydrogen chloride and chlorine, leaving behind 
pure platinum. 

The potassium salt of the acid, potassium chloroplatmate, K 2 PtCl 6 , 
is sparingly soluble in water and insoluble in alcohol. It is hence 
used for the quantitative determination of potassium. Ammo- 
mum cMoroplatinate, (NH 4 ) 2 PtCl 6 , is also sparingly soluble. On 
ignition it leaves behind platinum as a porous mass with a very 
large surface, platinum sponge. 

OXIDISING AND REDUCING AGENTS 

The degree of oxidation of a substance (see p. 61) increases net 
only when the substance adds on oxygen , but also when it adds on 
chlorine, or other atoms or radicals which can constitute acid radicals 
or anions {electronegative radicals), e.g., 

FeCl 2 + Cl->FeCl 3 
2FeS0 4 + S0 4 —^Fe 2 (S0 4 ) 3 
Ag + N0 3 -> AgN0 3 

Similarly, the degree of oxidation increases when the substance 
loses hydrogen or a metal, or more generally, atoms or radicals which 
constitute cations ( electropositive radicals), e.g., 

2HC1 -> Cl 2 + 2H 
K 2 Mn0 4 —> KMh0 4 + K 

It is specially important to note that the degree of oxidation also 
increases when an ion increases its positive charge or decreases its 
negative charge, i.e., when it loses electrons {e~), e.g., 

Fe ++ —> Fe +++ + e - 
Cu Cu++ + 2e~ 

Cl- Cl + e- 

Mn0 4 = —> Mn0 4 ~ + e~ 

Oxidising agents are therefore those substances which, under suit¬ 
able conditions, are able to lose electronegative atoms or radicals 
(0, Cl, S0 4 , N0 3 , etc.) or to gain electropositive atoms or radicals 
(H, metals, etc.) or electrons. 
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Examples of Oxidising Agents. 
Potassium chlorate 
Ferric chloride 
Chlorine 

Ferric ion . 

Cupric ion . 
Ferricyanide ion . 


KC10 3 KC1 + 30 
FeClg FeCl 2 + Cl 
. Cl 2 + 2H 2HC1 
or Cl 2 + 2Na-^2NaCl 
or Cl 2 + 2£-'->2Cl" 

. Fe+++ + f- Fe++ 

. Cu ++ + Cu 

Fe(CN) ” + «--*Fe(CN) 6 ~ 


Conversely, reducing agents are those substances which, under 
suitable conditions, can gain electronegative atoms or radicals (0, 
Cl, etc.) or can lose electropositive atoms or radicals (H, metals, etc.) 
or electrons. 


Examples of Reducing Agents. 
Phosphorous acid 
Sulphur dioxide . 
Stannous chloride 
Oxalic acid . 
Hydrogen iodide . 
Sodium iodide 
Iodide ion . 

Ferrous ion 


H 3 PO 3 + 0->H 3 P0 4 
S0 2 +H 2 0-f 0 —^H 2 S0 4 
SnCl 2 + Cl 2 SnCl 4 

H 2 C 2 0 4 ->2C0 2 + 2 H 
2 HI —> I 2 + 2 H 
2NaI I 2 4- 2 Na 

2I~~>I 2 + 2e“ 

Fe++—^Fe+++ + c- . 


Oxidation and Reduction Capacity. The number of oxidation 
equivalents produced by a molecule when it acts as an oxidising 
agent is termed its oxidation capacity. The loss of one oxygen 
atom represents two oxidation equivalents, and the loss of one 
.halogen atom one oxidation equivalent, while the gain of a hydrogen 
atom or an electron represents one oxidation equivalent. The 
oxidation capacity may depend upon the experimental conditions, 
since these may affect the products to which it is reduced. Thus 
the oxidation capacity of the permanganate ion is 5 in acid solution, 
but only 3 in alkaline solution (see p. 293). 

The reduction capacity of a reducing agent is analogously defined 
as the number of oxidation equivalents which the molecule destroys 
when it reduces. 

Just as every acid has a corresponding base (p. 110), every 
oxidising agent has a corresponding reducing agent. When an 
oxidising agent oxidises, it becomes a reducing agent, and vice versa . 
Thus oxidising sulphuric acid gives reducing sulphur dioxide, 
reducing hydrogen iodide gives oxidising iodine, etc. It should, 
however, be noted that a strong oxidising agent corresponds to a 
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very weak reducing agent, 'and vice versa . Many of these very 
weak oxidising and reducing agents are not usually known as such 
(just as very weak acids and bases are often termed neutral sub¬ 
stances). 

The following table gives a list of corresponding oxidising and 
reducing agents with their oxidation (or reduction) capacity. It 
should be remembered that the capacities given are only correct 
when the substances actually are reduced or oxidised to the products 
specified. Attention may specially be called to the many different 
oxidation capacities which nitric acid may exhibit. 


sing agent. 


Reducing agent. 


Capacity. 

|CI 2 

= 

Cl- 

— 6 

1 (per Cl atom) 

C 1 O 3 - 

= 

ci- 

+ 30 

6 

h 2 so 4 

= 

so 2 

+ 2 H + 20 

2 

hno 3 

= 

no 2 

+ H + 0 

1 

HNO s 

= 

hno 2 

+ 0 

2 

hno 3 

= 

NO 

+ H + 20 

3 

hno 3 

== 

w* 

+ H + 30 

5 

hno 3 

= 

NH S 

- 2H + 30 

8 

Na+ 

= 

Na 

— e~ 

1 

HgCl 2 

= 

Hg 

+ 2 C 1 

2 

Mn0 4 - 

= 

Mn0 4 “ 

— e~ 

1 

Mn0 4 - 

= 

Mn0 2 

+ 20 + e~ 

3 

Mn0 4 - 

= 

Mn++ 

+ 40 + 3e~ 

5 

Mn () 2 

= 

Mn++ 

+ 20 + 2 e- 

2 

Fe+++ 

== 

Fe++ 

— e - 

1 

Fe(CN) = 

= 

Fe(CN) 6 == 

— e~ 

1 

2C0 2 

= 

h 2 c 2 o 4 

- 2 H 

2 (per 2C0 2 ) 


Redox Reactions. In every oxidation or reduction reaction an 
oxidising agent reacts with a reducing agent, with the formation of 
the corresponding reducing and oxidising agents; i.e. s oxidation 
and reduction take place simultaneously. Whether we call the 
process an oxidation or a reduction depends on the purpose for 
.which it is carried out. Thus the reaction between copper and 
nitric acid, 

3Cu + SHN0 3 -> 3Cu(N0 3 ) 2 + 2NO + 4H 2 0, 
is called an oxidation if it is carried out to prepare cupric nitrate 
from copper, and a reduction if it is used to prepare nitric oxide 
from nitric acid. It is therefore theoretically most correct only to 
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speak of reduction-oxidation reactions , or, to use the more convenient 
modern term, redox reactions . 

In writing the chemical equation for a redox process it is generally 
simplest to begin by working out the molecular ratio in which the 
oxidising agent and the reducing agent react. If the capacity of 
the oxidising agent is a and the capacity of the reducing agent b , 
then b molecules of oxidising agent must react with a molecules of 
reducing agent. 

Example. The oxidation of oxalic acid by potassium peimanganate 
in presence of sulphuric acid. When a permanganate oxidises in acid 
solution it goes to manganous salt and its oxidising capacity is 5 (see 
table on p. 307). Oxalic acid is oxidised to carbon dioxide, and its 
reduction capacity is 2 . Hence 2 molecules of potassium permanganate 
can oxidise 5 molecules of oxalic acid, 2 x 5 = 10 oxidation equiva¬ 
lents being transferred from the permanganate to the oxalic acid. 
Two molecules of potassium permanganate will form K 2 S0 4 -j-2MnS0 4 
and 5 molecules of oxalic acid will give 10CO 2 . 3H 2 S0 4 is needed to 
form the sulphates, and since all the hydrogen on the left-hand side 
will be converted to water, 8H 2 0 must be formed. The equation is 
therefore 

4 -j- 5H 2 C 2 0 4 -f- 3H 2 S0 4 —> 

K 2 S0 4 -f 2MnS0 4 + 10CO 2 + 8H 2 0. 

The correctness of the calculation can be checked by verifying the fact 
that there are equal numbers of oxygen atoms on both sides of the 
equation. 

The Oxidising and Reducing Power of Redox Systems. We have 
previously shown (p. 114) how the acid strength of a substance 
can be measured quantitatively by the hydrogen ion concentration 
of a solution containing unit concentrations of both the acid and 
its corresponding base. Acid-base equilibria are established rapidly 
and the hydrogen ion concentration can be readily measured 
(p. 103), so that it is generally a simple matter to measure the acid 
strength of a substance. 

Analogously, the oxidising power of an oxidising agent can be 
measured if it comes rapidly to equilibrium with the corresponding 
reducing agent and evolves oxygen in doing so. The oxidising 
power is measured by the oxygen pressure over a redox system in 
equilibrium, where all the dissolved substances taking part in the 
equilibrium are present at unit concentration, and all the gaseous 
substances (except oxygen) at one atmosphere partial pressure. 
This procedure offers difficulties in practice, since equilibria of this 
kind are often reached very slowly or not at all, and the appropriate 
oxygen pressure is thus very difficult to measure. The oxygen 
pressure over a redox system increases as the oxidising power of 
the system increases, and decreases as its reducing power increases. 
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Compounds not given in the index should be looked up under more 
general headings, e.g,, aluminium chloride under aluminium, ferric chloride 
under ferric compounds, etc. 


Abscissa, 19 
Absolute zero, 25 
Absorption, 162 
Acetate ion, 110 
Acetates, 7, 106 
Acetic acid, 7, 35, 95, 116-119 
Acetylene, 166, 176 
Acid radicals, 7, 39 
Acids, 6, 107 
dissociation of, 94, 99 
reaction with bases, 111 
strength of, 114 
Acidity, 113 
Adsorption, 162, 206 
Affinity, 53, 176 
Albite, 197 

Alcohol, 108, 123, 188 
Alkali metals, 214, 224 
silicates, 196 
Alkaline reaction, 6 
Allotropy, 72 
Alloys, 285 
Alum, 243 

Aluminates, 241, 243, 245 
Aluminium, 240 
carbide, 182 
salts, 106, 246 
silicate, 197, 244 
sulphide, 78 
Amalgams, 276 
Ammonia, 119, 132, 176 
Ammonia-soda process, 218 
Ammonium, 10, 39, 136 
amalgam, 136 
carbonate, 136, 171 
chloride, 135, 136 
ion, 108, 134 
molybdate, 289 
nitrate, 135, 136, 143 
phosphomolybdate, -157 
platinichloride, 305 
sulphate, 136, 143 
sulphide, 78 
Anhydride, 2 
Anion, 89 
acid, 108 
base, 110 


Anode, 88 
Anorthite, 197 
Anthracite, 183 
Antimony, 284 
Apatite, 151, 156 
Aqua regia, 268 
Argillites, 197 
Argon, 210 
Aristotle's elements, 4 
Arrhenius , 99 
Arsenic, 159 
Asbestos, 197 
Association, 165 
Atmosphere, the, 73 
Atomic nuclei, 92, 249 
number, 250 
theory, 12 
weights, 28, 253 
Atoms, 12 

Auric compounds, 269 
Aurous compounds, 269 
Avogadro's hypothesis, 25 
number, 28 
a-particles, 236 


Baking powder, 171 
Barium, 233 
peroxide, 50 
sulphate, 84, 235 
Bases, 8, 109 
Basic reaction, 6, 101 
Berzelius 43 
Beryllium, 246 
Bessemer steel, 296 
Bicarbonates, 170 
Bismuth, 285 
Bisulphates, 84 
Bisulphites, 80 
Blast furnace, 295 
Bleaching powder, 60 
Blue vitriol, 261 
Boiling point curves, 20 
elevation, 34 
and size of molecules, 
Bohr's atom, 250 
Bone charcoal, 162 


311 



312 


INDEX 


Borax, 209, 221 
Bordeaux mixture, 262 
Boric acid, 95, 209 
Boron, 209 
Brass, 260, 286 
Bricks, 198 
Brilliants, 161 
Briquettes, 184 
Bromides, 64 
Bromine, 63 
Bronze, 260, 286 
Brownian movement, 25 
Buffer mixtures, 120 
Bunsen burner, 191 


Cadmium, 279 
Caesium, 224 
Calcium, 227 
carbide, 182 

carbonate, 126, 171, 231 
cyanamide, 131, 181 
fluoride, 62 
hypochlorite, 60 
nitrate, 143 
nitride, 131 
phosphate, 156, 233 
silicate, 199 
sulphate, 125, 127, 230 
sulphide, 79 
Calc-spar, 231 
Calculations, chemical, 41 
thermochemical, 175 
Caliche, 143 
Calomel, 279 
Calorific value, 185 
Carbides, 182 
Carbon, 161 

dioxide, 167, 177 
monoxide, 171, 177 
Carbonates, 126, 170 
Carbonic acid, 169 
Carbonisation, 184 
Carborundum, 193 
Carburation, 189 
Carnallite, 221, 223 
Cast iron, 295 
Catalase, 50 
Catalyst, 66 
Cation, 89 
acids, 108 

exchanging substances, 245 
Cathode, 88 
Caustic potash, 222 
soda, 216 
Cement, 230 
Cement it e, 298 
Centrifuging, 13 
Cerium oxide, 192 
Chalk, 231 

Chamseleon, chemical, 293 


Chamber process, 81 
Charcoal, 162, 184 
Chemical calculations, 41 
change, 51, 66, 144, 173 
compounds, 15, 17, 22 
equilibria, 51, 144 
equations, 35, 128 
forces, 53 
formulae, 30, 37 
linkage, 272 
Chili saltpetre, 142 
China clay, 197 
Chlorates, 60, 217 
Jhloric acid, 60 
Chlorides, 58 
Chlorine, 54, 217, 252 
Chlorites, 59 
Chloroplatinic acid, 305 
Chlorostannic acid, 281 
Chromate compounds, 287 
Chrome yellow, 283, 288 
Chromic acid, 288 
compounds, 288 
Chromium, 287 
Coagulation, 204 
Coal, 183 
gas, 188 
tar, 188 
Cobalt, 303 
Coke, 184 
Colloids, 31, 200 
Combustion, 2, 72 
heat of, 174, 185 

Complex salts and ions, 93, 180, 270 
Composite substances, 13 
Compounds, chemical, 15, 17, 22 
Concentration, 19 
Concrete, 230 
Co-ordination number, 270 
Corresponding acids and bases, 107 
oxidising and reducing agents, 306 
Corrosive sublimate, 278 
Crockery ware, 198 
Crucible steel, 297 
Cryolite, 62, 214, 240 
Crystallisation, water of, 21, 48 
Crystalloids, 206 
Crystals, 15 
lattice, 98, 163 
Cupric compounds, 261 
Cuprous compounds, 263 
Curie , Madame, 239 
Cyanamide, 181 
Cyanic acid, 181 
Cyanides, 179 
Cyanogen, 179 


Dalton, 43 
Daniell cell, 258 
Davy , 5 
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Davy’s safety lamp, 190 
Decantation, 13 
Deliquescence, 48 
Desiccators, 49 
Dialysis, 200 
Diamminosilver ion, 266 
Diamond, 161, 163 
Dichromate ion, 288 
Dicyandiamide, 181 
Dicyanoaurous ion, 269 
Dicyanosilver ion, 266 
Diffusion, 32 
Dilution law, 118 
Dipoles, 165 

Disintegration, atomic, 203 
Disperse systems, 203 
Dissociation, 52 
constant, 115, 149 
exponent, 115' 
pressure, 228 
Distillation, 14 
dry, 184 

Distilled water, 14, 47 
Dolomite, 225 
Double cyanides, 179 
Double decomposition, 58 
Dry distillation, 184 
Drying, 49 


Electrochemical series, 255 
Electrode, 88 
Electrolysis, 88 

of sodium chloride, 217 
Electrolytes, 88 
solubility of, 122 
weak and strong, 95 
Electrolytic dissociation, 88 
Electrons, 92 
Electro valency, 271 
Elements, 4 
Emery, 242 

Endothermic compounds, 146 
processes, 173 
Epsom salts, 227 
Equilibrium, chemical, 51, 144 
constant, 148 

Equimolecular solutions, 32 
Equivalent, 10, 24, 87, 91 
proportions, 24 
weights, 87 
Eutectic alloys, 287 
Exothermic compounds, 146 
processes, 173 


Faraday , 90, 99 
Fehling's solution, 262 
Felspar, 196 
Ferric compounds, 299 
thiocyanate, 181 


Ferro-concrete, 230 
Ferrous compounds, 298 
Filtration, 13 
Firing, 185 
Flames, 190 
Flash-light powder, 225 
Flash-point, 187 
Flint, 192 
Fluorides, 63 
Fluorine, 62 
Formic acid, 172 
Formulae, chemical, 30, 35 
Freezing-point curves, 20 
depression, 20, 34 
Fuel, 182 


Galvanised iron, 274, 295 
Gases, density of, 28 
molecular weight of, 26 
solubility of, 21, 71 
Gas liquor, 135, 188 
Gay-Lussac tower, 82 
Gelatinisation, 204 
Gels, 205 

German silver, 303 
Glass, 199 
Glauber's salt, 218 
Glover tower, 82 
Gneiss, 197 
Gold, 268 

Gram-equivalent, 87 
Gram-molecule, 27 
Granite, 197 
Green vitriol, 298 
Gypsum, 230 


j Haber's process, 133 
Haemoglobin, 172, 293 
Halogens, 54, 65 
Hardness (of water), 47, 231 
Heavy metals, 260 
spar, 233 

Helium, 210, 236, 249 
Henry's law, 21 
Hess's law, 174 
Heterogeneous processes, 67 
substances, 13 
Homogeneous processes, 67 
substances, 14 
Hydrates, 48 
Hydration (of ions), 91 
Hydrazine, 137 
Hydriodic acid, 65 
Hydrobromic acid, 63 
Hydrocarbons, 166 
Hydrochloric acid, 56 
Hydrocyanic acid, 179 
Hydrofluoric acid, 63 
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Hydrogels, 205 
Hydrogen, 44, 256, 272 
argento cyanide, 280 
aurichloride, 269 
"bromide, 63 
chloride, 56 
cyanide, 179 
electrode, 105 
ferricyanide, 180 
ferrocyanide, 180 
fluoride, 63 
iodide, 65 
ion, 89, 94, 107 
ion concentration, 100-107 
ion exponent, 100-107 
peroxide, 50 
sulphide, 76 

precipitation, 275 
Hydrolysis, 59 
of salts, 106, 114 
Hydrosols, 205 
Hydroxides, 8, 48, 99 
Hydroxonium ion, 91, 100, 108, 111 
salts, 111 
Hydroxyl, 8, 39 
ion, 100, 109, 111 
Hypochlorites, 59, 69, 217 
Hypochlorous acid, 59 
Hypophosphorous acid, 158 


Iceland spar, 231 
Ignition temperature, 51 
Illumination, 190 
Inert gases, 210, 250 
Indicators, 6, 103, 122 
Iodates, 65 
Iodic acid, 65 
Iodides, 65 
Iodine, 64 
titration, 85 
Ionic equations, 128 
lattice, 98 
product, 100, 150 
theory, 88 
Iron, 293 
alum, 300 
pyrites, 303 
Isoelectric point, 208 
Isotopes, 252 


Jena glass, 199 


Kainite, 221, 223 
Kaolin, 197 
Kieserite, 227 
KjeldahVs method, 83 


Lampblack, 162 
Laughing gas, 137 
Lavoisier , 4 
Lead, 282 
arsenate, 160 
chamber process, 81 
chromate, 283, 288 
pencils, 162 
Leblanc process, 218 
Le Chatelier’s principle, 145 
Light metals, 212 
Lignite, 183 
Lime, 5, 228 
water, 229 
Limestone, 231 
Lithium, 224 
Lubricating oils, 167, 187 


Magnesia, 226 
Magnesite, 225 
Magnesium, 225 

ammonium phosphate, 124, 157, 
226 

silicide, 193 
sulphide, 78 
Malachite, 260 
Manganates, 291 
Manganese, 290 
Manganous compounds, 290 
Marble, 231 

Mass action, law of, 70, 148 
Matches, 152 
Mechanical mixtures, 13 
theory of heat, 13, 24 
Meerschaum, 225 
Mendelejejf, 247 
Mercuric compounds, 277 
sulphide, 78, 276 
Mercurous compounds, 279 
sulphate, 84 
Metals, 212, 272 
heavy, 260 
Me.taphosphates, 153 
Metaphosphoric acid, 153 
Metasilicates, 194 
Metasilicic acid, 194 
Methane, 166 
Methyl orange, §, 104 
Mica, 196 

Mineral waters, 47, 169 
Mixed crystals, 286 
Mixtures, 13 
Molar concentration, 86 
Molarity, 87 
Mole, 27 

Molecular formulae, 30 
size, 28 

weight, 26, 30, 33 
Molecules, 16 
Molybdenum, 244 
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Mortar, 229 

Multiple proportions, law of, 23 


Ordinates, 19 
Orthoclase, 197 
Orthophosphoric acid, 154 
Orthosilicates, 194 
Orthosilicic acid, 194 
Osmometer, 31 
Osmotic pressure, 31 
Oxalates, 7 
Oxalic acid, 7, 35 

Oxidation, degree of, 61, 86, 292, 
305, 307 

reduction potentials, 309 
Oxides, 2, 10, 74 
Oxidising agents, 305 

capacity, 306 
Oxygen, 71, 252 
Ozone, 72 


Paraffin, 167, 187 
wax, 167 

Passivity, 241, 294 
Peat, 183, 185 
Peptisation, 204 
Perborates, 210 
Perchlorates, 61 
Perchloric acid, 61 


Perhydrol, 50 
Periodic system, 246 
Permanganates, 292 
Permutite, 245 
Peroxides, 50, 74 
Petrol, 167, 187 
Petroleum, 187 
Phenolphthalein, 6, 103, 227 
Phlogiston, 5 
Phosphates, 128, 154 
Phosphine, 158 
Phosphites, 158 
Phosphomolybdic acid, 289 
Phosphoric acid, 154 
Phosphorite, 151 
Phosphorous acid, 157 
Phosphorus, 151 
Photography, 267 
Pig iron, 295 
Pitchblende, 235, 289 
Platinum, 304 
Plumbic compounds, 283 
Plumbite ion, 283 
Plumbous compounds, 282 
Polymorphism, 75 
Polysilicic acids, 194 
Polysulphides, 78 
Porcelain, 198 
Potash, 222 
Potassium, 221 
alum, 243 
antimonate, 285 
argenticyanide, 179, 267 
bromide, 64 
chlorate, 61, 123, 223 
chloroplatinate, 305 
chlorostannate, 281 
chromate, 288 
cyanate, 180 
cyanide, i79 
dichromate, 2S7 
ferricyanide, 179, 301 
ferrocyanide, 179, 223, 299 
fertilisers, 223 
iodate, 65, 67 
iodide, 65 
manganate, 291 
nitrate, 142, 223 
permanganate, 292 
platinichloride, 305 
silicate, 196 

silver cyanide, 179, 267 
stannichloride, 281 
thiocyanate, 187 
tri-iodide, 64 
Precipitate, white, 278 
Precipitation reactions, 125 
Producer gas, 189 
Protective colloids, 205 
Protons, 91, 107, 254 
Front's hypothesis, 253 


A, 187 

Naphthalene, 167 
Neon, 210 

Neasier*s reagent, 279 
Neutral reaction, 9, 101 
Neutralisation, 9, 110 
heat of, 113 
Neutrons, 154 
Nickel, 303 
steel, 297 
Nitrates, 142 
Nitre, 142 
Nitric acid, 140 
oxide, 137 
Nitrides, 131 
Nitrifying bacteria, 131 
Nitrites, 139 
Nitrogen, 131 
fertilisers, 143 
fixation, 132, 140 
Nitrous acid, 139 
oxde, 137 

Nomenclature of acids and salts, 7, 58 
of oxides, 74 
Non-metals, 44 
Normal solutions, 86 
Normality, 87 

Nucleus, atomic, 92, 238, 249, 253 
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Prussian blue, 180 
Prussic acid, 179 
Pyrites, 303 
Pyrolusite, 291 
Pyrophosphoric acid, 153 
Pyrosulphuric acid, 85 


Quantum mechanics, 252 
Quartz, 192 


Radicals, 39 
Radioactivity, 236, 253 
Radium, 235 
emanation, 237 
Radon, 237 

Reaction velocity, 51, 66, 70 
Recrystallisation, 14 
Redox potentials, 309 
systems, 307 
Reducing agents, 45, 305 
Respiration, 3 

Reversible processes, 52, 144 
Rock crystal, 192 
salt, 215 
Rubidium, 224 
Rubies, 242 
Rust, 294 
Rutherford, 239 
Rutherford’s atom, 92, 249 


Salammoniac, 136 
Saltpetre, 142 
Salts, 7, 272 
acid, 8 
complex, 94 
hydrolysis of, 105 
ionisation of, 93, 98 
mixtures, 96 
nomenclature of, 58 
preparation of, 233 
solubility of, 122, 126 
Salvarsan, 160 
Sand, 192 
Sanocrysin, 269 
Saturated solutions, 18 
Semipermeable membranes, 30 
Silica, 192 
Silicates, 127, 195 
Silicic acid, 193 
Silicon, 192 
Silver, 264 

bromide, 64, 125, 266 
chloride, 58, 125, 266 
cyanide, 179 
iodide, 65, 125, 266 
plating, 267 
Slags, 295 


Soda, 171, 218 
water, 169 
Sodium, 214 

acetate, 106, 110, 221 
aluminate, 241 
amalgam, 214, 276 
antimonate, 215, 285 
arsenite, 159 
auriehloride, 269 
aurothiosulphate, 269 
bicarbonate, 107, 170, 220 
carbonate, 106, 171, 218 
chloride, 18, 98, 215 
chloroaurate, 269 
cobaltinitrite, 221, 304 
cyanide, 179 
disulphide, 79 
formate, 172 

hydrogen carbonate, 107, 170, 220 
hypobromite, 64 
hypochlorite, 60 
iodate, 64 

nitrate, 20, 142, 218 
nitrite, 140 
pentasulphide, 79 
perborate, 218 
peroxide, 50, 217 
plumbite, 283 
pyroantimonate, 215, 285 
silicate, 196 
stannate, 281 
sulphate, 20, 218 
sulphide, 78, 106 
sulphite, 80 
tetrathionate, 85 
thiostannate, 282 
thiosulphate, 85 
Solder, 286 
Solid solutions, 286 
Sols, 205 
Solubility, 18, 21 
of electrolytes, 122 
product, 123, 150 
Solutions, 14, 18, 30 
Solvay process, 218 
Soot, 168 
Spinel, 243 
Stannates, 281 
Stannic compounds, 281 
Stannous compounds, 281 
Steel, 295 
Stoichiometry, 24 

Strength exponent (of acids and 
bases), 115 

Strong electrolytes, 96 
Sublimation, 64 
Sulphates, 84 
Sulphides, 78, 127 
Sulphites, 80 
Sulphur, 74 
Sulphuric acid, 81 



Sulphurous acid, 66, 70, 80 
Superphosphate, 156 
Sylvine, 222 
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Tar, 188 
Tempering, 297 
Tetra«aquoeupric ion, 262 
Tetramminocupric ion, 262 
Tetrathionic acid, 85 
Thermite, 241 
Thermochemistry, 173 
Thiocyanates, 181 
Thiocyanic acid, 181 
Thiostannic acid, 282 
Thiosulphates, 85 
Thiosulphuric acid, 85 
Thomsen , Julius , 176 
Tin, 280 
Titrations, 85 

Transition temperature, 21, 75 
Tyndall effect, 202 


Urea, 144 
Urease, 144 

Valency, 36, 246, 251, 271 
Van't Hoff , 43, 68 
Vaseline, 167, 187 

Water, 46 

acidic and basic properties of, 110 
association of, 165 
formation of, 51 
gas, 189 
glass, 196 
hard, 47, 231 
heat of formation of, 176 
ionisation of, 97, 100, 150 
soft, 47 
softeners, 245 
vapour, dissociation of, 52 
Wood, 183 
Wood's metal, 285 

Xenon, 210 


Ultramarine, 244 
Ultramicroscope, 203 
Uranium, 239, 289 


Zeolites, 197 
Zinc, 274 



